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A.  Introduction 

MetaUophthalocyanmes  (MPcs)  have  a  number  of  characteristic  properties 
that  contribute  in  a  major  way  to  their  extraordinary  versatility.  These  include 
their  intense  color,  redox  activity,  high  thermal  stability,  and  non-toxicity. 
Ultimately,  this  research  will  lead  to  a  place  in  the  emerging  field  of  molecultu’ 
electronics  [1].  Actual  and  potential  applications  include  photoconductive 
surfaces,  optical  information  storage  media,  electrochromic  devices,  analytical 
(sensor)  devices  for  industrial,  environmental  and  medical  applications, 
molecular  metals,  batteries,  and  electrocatalytic  and  photocatalytic  processes 
including  solar  energy  conversion  and  production  of  chemical  materials. 

Most  of  the  applications  rely  critically  upon  the  redox  properties  of  MPc 
species.  The  Pc  unit  is  an  ISn  electron  aromatic  system  that,  in  its  common 
oxidation  state  carries  two  negative  charges.  This  will  be  designated  Pc(-2)  [2]. 
This  unit  is  capable  of  oxidation  or  reduction  [3-5];  thus  oxidation  by  one  or 
two-electrons  yields  Pc(-1)  and  Pc(0),  while  reduction  by  one  to  four  electrons 
forms  Pc(-3),  Pc(-4),  Pc(-S)  and  Pc(-6).  The  central  metal  ion  may  be  incapable 
of  a  redox  process  in  the  usual  electrochemical  regime  [most  main  group  species 
and  certain  transition  metal  species  such  as  Ni(n),  Cu(II),  etc.]  or  may  be  a 
transition  element  that  undergoes  oxidation  or  reduction  at  potentials 
comparable  to  the  Pc  ring  fvocesses. 

Many  MPc  systems  bind  one  or  two  axial  ligands;  such  coordination  can 
have  a  major  effect  upon  the  observed  redox  activity  [6-12].  Such  species  are 
designated  here  as  LMPc  or  where  the  placing  of  L  ahead  of  M  implies 

L  binding  axially  to  the  central  metal  M. 

Most  unsubstituted  MPc  species  have  only  very  limited  solubility  in  virtually 
all  solvents,  thereby  limiting  solution  phase  redox  measurements.  However, 
MgPc  is  rather  more  soluble  as  are  many  transition  metal  phthalocyanines  that 
dissolve  in  donor  solvents  through  an  axial  interaction  between  the  metal  center 
and  the  donor  solvent.  This  last  statement  apices  especially  to  those  central 
metal  ions  that  strongly  prefer  six-coordination  rather  than  four  coordination. 
Thus,  for  example,  iron(^  and  oobalt(II)  phthalocyanines  are  soluble  in  a  wide 
range  of  donor  solvents,  vdiile  copper(n)  phthalocyanine  is  very  much  less 
soluble. 

Ring  substitution  has  proved  to  be  a  very  effective  procedure  for  rendering 
these  substituted  MPc  species  very  soluble  in  a  range  of  solvents,  to  an  extent 
that,  of  coarse,  depends  upon  the  substituents  used.  Even  vrith  such  spedes, 
additkmal  solubility  is  conferred  by  axially  coordinating  central  ions.  This  has  led 
to  systems  that  are  extremely  soluble  in  many  organic  solvents,  for  example,  the 
tetraneopentoxyphthalocyanines  [13]  or  in  water,  for  example,  the  tetrasulfonated 
phthaloqmnines  [14]  [see  Table  11,  above  list  of  references,  for  the  abbreviations 
used  in  tte  chapter]. 
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It  is  our  intent,  in  this  chapter,  to  organize  and  systematize  the  redox 
properties  of  a  large  number  of  MPc  species.  To  facilitate  this  organization,  data 
will  be  reported  versus  the  standard  calomel  electrode  (SCE).  However,  actual 
studies  have  utilized  a  wide  range  of  reference  electrodes,  including  internal 
references  such  as  the  ferricenium/ferrocene  couple.  Table  1  lists  these  various 
electrodes  and  indicates  the  correction  made  in  this  chapter  to  adjust  potentials 
versus  SCE.  Such  adjustments  are  subject  to  some  error  depending  upon  the 
quality  of  the  reference  electrode,  internal  resistance  problems  etc. 

Many  phthalocyanines  aggregate  to  a  greater  or  lesser  extent,  both  in  water 
and  organic  phase.  Such  aggregation  is  influenced  by  pH,  ionic  strength, 
temperature,  the  amount  of  electrolyte  in  solution,  etc.  [IS- 18].  Thus  care  must 
be  taken  in  distinguishing  redox  potentials  arising  from  mononuclear  MPc 
species,  and  from  aggregated  species.  Aggregation  is  also  influenced  by  the  net 
charge  on  the  MPc  unit,  being  more  important  with  positively  charged  species 
than  negatively  charged  ones.  Six  coordinate  MPc  species  generally  do  not 
aggregate  because  they  are  kept  apart  by  the  axially  bound  ligands. 

The  redox  properties  may  be  influenced  by  different  axial  ligands  attached 
to  the  metal  center.  This  can  be  a  very  ir^portant  faaor  in  transition  metal  MPc 
chemistry,  since  many  transition  metal  ions  will  prefer  six-coordination  and  will 
bind  a  donor  solvent  if  no  other  ligands  are  competing.  Thus  the  redox  chemistry 
in  donor,  potentially  axially  binding  solvents,  can  be  very  different  from  that  of 
the  same  B^c  species  in  a  nondonor  solvent  such  as  dichlorobenzene. 

Even  although  the  metal  ion  in  main  group  phthalocyanines  does  not 
possess  partial^  filled  d  orbitals,  the  coordination  number  for  these  ions  can  be 
more  tium  four,  indeed  a  four  coordinate  planar  environment  is  very  unusual  for 
a  main  group  ion.  Thus  these  main  group  species  may  also  bind  additional 
ligands  or  coordinating  (donor)  solvents,  forming  five-  or  six-coordinate  species 
in  solution.  Such  binding  can  influence  the  observed  redox  potentials. 

Commonly  used  nondonor  solvents  thtt  can  dissolve  MPc  species  to  a 
sufficient  extent,  include  o-dkhlorobenzene  (DCB)  and  dichloroeth^  (DCE), 
and  in  some  early  studies,  nitrobenzene  (N02Ph),  chloronaphthalene  (ClNap), 
and  1-methylnaptohalene  (MeNp);  this  last  sdvent  was  generally  used  at 
Dichloromethane  (CH2CI2)  can  also  be  used  for  the  more  organic  soluble 
substituted  MPc  systems  such  as  tetra-t-but^c  (TBuPc)  or  tetraneopentoxyPc 
(TNPc).  More  commonly  used  donor  and  potentially  coordinating  solvents 
include  pyridine  (Py),  dunethylformamide  (DMF),  dimetliylacetamide  (DMA), 
dimethybulfoxide  (DMSO)  ^  benzonitrik  (PhCN),  all  which  tend  to  be 
rather  good  solvents  for  MPc  species  even  unsubstituted  ones,  if  they,  in  fact, 
coordinate  to  the  central  ion.  Thus,  for  example,  pyridine  is  a  good  solvent  for 
Co(II)Pc,  with  which  k  coordinates,  while  k  is  a  poor  solvent  for  Ni(n)Pc  with 
which  k  win  not  coordinate.  With  any  of  the  solvents  listed,  extreme  care  should 
be  taken  to  ensure  that  the  solvent  is  dry,  if  hi^  quality  and  wide  potential  range 
data  are  sought  In  the  context  of  unsubstituted  MPc  chemistry,  the  word  good 
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conveys  that  the  species  is  sufficiently  soluble  for  spectroscopic  and 
electrochemical  study,  but  this  may  mean  a  solubility  of  the  order  of  1  x  10*^  M  ! 

Supporting  electrolyte  anions  can  also  play  an  important  role  if  they  have 
donor  characteristics.  Thus  the  perchlorate  and  hexafluorophosphate  ions  are 
usually  regarded  as  nondonor  species,  although  this  may  not  always  be  absolutely 
true.  Halide  ions,  on  the  other  hand,  especially  the  commonly  employed  chloride 
ion  may  influence  the  redox  properties  ^amatically  if  they  axially  coordinate. 

Although  early  electrochemical  measurements  were  carried  out 
polarographically  using  dropping  or  hanging  merouy  electrodes,  most  modem 
electrochemistry  employs  solid  electrodes,  usually  platinum  or  graphite,  and 
cyclic  voltammetry  (CV)  or  differential  pulse  voltammetry  (DPV).  These  last  two 
techniques  provide  a  vary  rapid  assessment  of  the  electrochemical  properties  of 
the  MPc  species.  Their  analysis  can  usually  rapidly  establish  whether  the  electron 
transfer  is  electrochemically  reversible,  or  not,  and  whether  there  are  coupled 
chemical  reactions  involved.  In  general,  ring  reduction  processes  are  often 
electrochemically  reversible,  while  ring  oxidation  processes,  especially  that 
associated  with  Pc(0)/Pc('l),  are  often  irreversible. 

It  is  not  the  purpose  of  this  chapter  to  pursue  in  detail  the  electrochemical 
characteristics  of  the  various  redox  processes  except  where  the  Authors 
concerned  have  explored  such  avenues.  The  reader  is  referred  to  an 
electrochemical  text,  for  example,  Bard  and  Faulkner  [19],  for  the  background  to 
such  analysis. 

Lanthanide  diphthalocyanines  will  not  be  dealt  with  in  detail  in  this  chapter, 
since  they  are  considered  in  Chapter  5  in  this  volume  [20].  Further,  the 
electrocataiytic  properties  of  metattophthalocyanines  towards  reactive  species 
such  as  oxygen,  hy^azine,  sulfides  and  mercaptans,  that  involve  a  significant 
body  of  research  Wl  be  covered  in  a  later  volume  m  this  series. 

One  could  pursue  the  comparative  electrochemistry  of  the  phthalocyanines 
with  their  cousins  the  porphyrins.  Such  a  comparison  would  have  greatly 
increased  the  length  of  this  contribution.  The  interested  reader  is  referred  to 
several  important  reviews  of  porphyrin  electrochemistry  [21-23].  Suffice  it  to  say 
that  there  are  quite  close  s^oiiiarities  in  the  gross  behavior  of  both  series  of 
complexes.  In  general,  the  lower  basicity  of  the  phthalocyanines  relative  to  the 
porphyrins  results  in  the  greater  stabilization  of  tte  lower  oxidation  states  in  the 
former. 

In  other  words,  the  higher  oxidatkm  states  of  central  transition  metal  ions 
are  more  readily  acce883>le  in  the  porphyrin  series  than  in  the  phthalocyanine 
series,  or,  where  formed,  higher  oxi^tion  state  metallophthalocyanines  are 
stronger  oxidizing  agentt  than  their  porphyrin  analogues. 
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Table  1  Reference  Electrode  Corrections  to  the  Standard  Calomel  Electrode 
(SCE). 


Electrode  used 

Correction 

NHE 

-0.24  V 

AgCl/Cl 

-0.045  V 

Fc  +  /Fe 

+ 0.425  V(CH3CN)* 

• 

-^0.49V(DCB4)CE)[47] 

-h0.40V(DMF) 

, 

-»-OJOV(Py,DMSO)[97] 

. 

+0AS  V  (CH2CI2)  [75,69] 

AgC104/Ag 

0.47  V  (DMA)  [46] 

(0.01  M  Hao4) 

-1-0.47  V(CH2a2)  [75] 

^  Our  laboratory  experience  is  that  the  ferrocenium/ferrocene  correction  is  best 
set  at  0.425  V  versus  SCE  in  acetonitrile. 

B.  The  Electronic  Structure  of  Metallo- 
phthalocyanine  Species 

The  metallophthalocyanines  belong  to  the  point  group  D411.  The  electronic 
structure  of  MPc  was  described  by  Goutennan  and  co*workers  [24-28]  and 
discussed  in  depth  by  Sdllman  and  Nyokong  in  volume  1  of  this  series  [29].  The 
HOMO  level  is  laJ^(1t),  the  next  low  l^i^  filled  orbital  is  la2y(')t).  The  LUMO 
orbital  is  )  and  Ae  next  is  Ib^^yin  )  (Figure  1).  Transitions  from  the  two 
upper  fiUedir  orbitals  to  IcJn  )  yield  the  so^aOed  Q  (near  600-750  nm)  and 
Swet  (or  B)  n— >11*  (near%04%  nm)  transitions.  Th^  both  involve  an  ^E^ 
excited  state,  but  they  are  not  significantly  mixed  (unlike  the  situation  in  the 
porphyrin  series)  because  the  laJ^  and  la2y  orbitals  are  fairly  weU  separated  in 
energy.  For  a  complete  analyris  see  the  earlier  discussion  by  Stillman  and 
Nyokong  [29].  In  main  group  Pcs  the  redox  activity  is  directly  associated,  in 
oxidation,  by  the  successive  removal  of  the  electrmis  from  the  HOMO,  la^u, 
while  up  to  four  additional  electrons  are  readily  added  to  le.  (LUMO) 
(reduction),  terminating  in  the  Pc(-6)  species.  The  Pc(-3),  Pc(-4),'Tc(-S)  and 
Pc(-6)  ring  reduced  species  have  the  ground  state  electron  configurations 
(»lu)^y  S-  U2;  (ajJ^^- )2  §  .  g,  (a^^^eJ^,  S  -  1/2;  and  (aiQr(eg)^  S 
>  0,  respectively.  The  Pc(-^  and  Pc(-5)  ions  wiu  an  uneven  number  of  eleorons 
show  paramagnetism  [32]  as  free  radical  anions  of  the  phthaloqranine  ligand  at  g 
factors  near  that  of  the  firM-electron. 
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Figure  1  The  conventioiial  scheme  of  the  energy  levels  in  MPc  and  the  various 
transitions  (Q,  Soret,  LMCT,  MLCT  bands)  [7,26-28,30,31]. 


The  ground  state  for  the  Pc(-4)  species,  as  an  open  shell,  could  be  expected 
to  be  a  triplet,  but  experimental  investigation  has  shown  it  to  be  a  singlet  [32]. 
With  diamagnetic  central  ions  such  as  Mg(II),  Ni(II),  the  Pc(-4)  species  shows  no 
ESR  spectrum,  but  with  paramagnetic  species  such  as  0^11)  [32]  and  Cu(n) 
[3233]  the  ESR  spectrum  characteristic  of  the  central  ion  itself  is  observed.  If 
the  Pc^-d)  species  were  in  fact  an  S  *  1  fragment,  then  coupling,  for  example,  to 
the  Cu(II)  center  would  yield  either  a  S  »  3/2  species  (that  would  not  give  a 
typical  Cu(II)  type  spectrum)  or,  via  coupling,  an  S  »  1/2  spedes,  but  centered 
on  the  Pc  ring,  giving  rise  to  a  free  radical  spectrum.  Thus  the  Pc(-4)  species  is 
likely  S  >■  0.  However,  some  anomalies  in  the  spacing  of  the  successive 
reduction  processes,  for  some  metal  ions,  may  suggest  that  the  Pc(-4)  is  not 
always  S  »  0,  but  can,  with  sooK  central  ions,  be  S  >  1.  The  first  two 
reduction  processes  are  generally  separated  by  about  0.4  -  03  V  (see,  for 
example.  Figure  2).  With  electropositive  central  ions  such  as 
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Figure  2  Cyclic  and  or  differendai  pulse  voltammetry  of  A)  Za{TNPc('2)]  and  B) 
Ant(2^TrI^c(-2)]2  in  DMF  (curves  a  and  b)  and  in  DCB  (curves  c).  Scan  rates 
100  mV/s  for  cy^  voltammetry,  and  3  mV/s  for  differential  pulse  voltammetry 
(DPV).  In  the  DPV  curves,  the  solid  and  dotted  lines  indicate  cathodic  and 
anodic  scans  respectively.  Reproduced  with  permission  from  Ref.  [126]. 

hydrogen  or  magnesium,  the  third  reduction  occurs  some  OB  V  more  negative 
than  the  second.  However,  with  more  polarizing  central  metal  ions,  the 
separation  is  smaller,  OJ  •  0.6  V  for  Zn(II)  (but  see  Zn(II)Pc  discussion  to 
foUow)  and  as  low  as  0.4  V  for  Al(in).  It  increases  to  about  OB  V  again  for  Ni(II) 
and  Cu(II).  The  fourth  reduction  is  usually  observed  some  0.4  -  OB  V  negative  of 
the  third  process. 

The  redox  properties  the  transition  metal  phthalocyanines  differ  from 
those  of  main  group  MPc  due  to  the  fact  that  metal  d  levels  may  be  positioned 
between  the  HOMO  (it)  and  LUMO  (n  )  orbitals  of  the  phthalocyanine  ligand. 
This  has  the  spectroscopic  consequence  that  one  or  more  metal  to  ligand 
(MLCT),  or  ligand  to  metal  (LMCT)  charge-transfer  transitions  may  be 
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observed  in  the  visible  or  the  near-infrared  repon  [7], 

The  redox  consequence  is  that  oxidation  or  reduction  of  the  metal  may 
occur  at  potentials  similar  to  those  of  ring  oxidation  or  reduction.  It  is  important 
also  to  recognize  that  such  internal  metal  redox  processes  greatly  influence  the 
potentials  for  ring  redox.  Thus,  for  example,  the  ring  oxidation  of  a  species  such 
as  Co(II)Pc(-2)  (to  {Co(II)Pc(-l)]'^)  will  lie  at  a  significandy  less  positive 
potential  than  the  oxidation  of  [C^in)Pc(-2)] to  [Co(in)Pc(-l)]^'*'  (see  the 
following  )  due  to  polarization  of  the  phthalocyanine  ring  by  the  oxidized  metal 
center. 

The  oxidized  or  reduced  phthalocyanine  species  with  an  uneven  number  of 
electrons  in  the  ligand  and  a  diamagnetic  metal  center  exhibit  ESR  signals  due  to 
paramagnetism  and  therefore  can  be  exanuned  by  ESR  spectroscopy.  Such 
species  generally  show  a  narrow  signal  at  g  ••  2.0  near  the  free-electron  g  value, 
characterisdc  of  organic  free  radicals.  For  example,  the  Pc(-1)  species  has  a 
configuradon  (la]^„)^.  Hyperfine  structure  is  not  usually  observed  on  these 
signals  because  of  the  extensive  delocalization  of  the  spin  density  in  the 
phthalocyanine  ring  and  relaxation  due  to  aggregation. 

In  characterizing  Pc  anion  or  cation  radicals  by  ESR  spectroscopy,  care 
should  be  taken  in  evaluating  the  presence  of  a  free  radical  ESR  signal  b^use 
n^y  diamagnetic  phthalocyanine  compounds  show  a  weak  ESR  signal  at  g  ~ 
2.0  in  neutral  (not  oxidized  or  reduced)  form  m  the  solid  state  and  sometimes  in 
solution.  The  origin  of  the  ESR  signal  in  these  fdtthalocyanines  was  discussed  by 
several  authors  [34-40]  in  terms  of  impurities,  broken  it  bonds  or  defect 
structures.  The  dependence  of  the  number  of  radical  species  in  diamagnetic  MPc 
and  the  intenrity  of  the  ESR  signal  in  the  presence  of  molecular  oxygen  leads  to 
the  belief  [41]  that  the  appearance  of  paramagnetism  is  a  charge-transfer 
interaction  between  the  phthaloqranine  molecule  and  dion^gen.  Thus  the  ESR 
signals  for  MPc  and  free,  unmetallated  phthalocyanine  are  attributed  to  partial 
oxidation  of  the  phthalocyanine  ring  [42]. 


C.  Main  Group  Phthalocyanine 
Electrochemistry 

Fot  main  group  phthalocyanines  the  first  ring  mddation  is  separated  from 
the  first  ring  reduction  by  iqiproxiniately  13  V  (Table  2)  which  corresponds 
approximafely  to  the  magnitiMl#.  of  energy  difference  between  the  HOMO  and 
LUMO  [6,4^  (exceM  for  metal  ions  positioned  out  of  the  macrocycle  plane,  for 
example,  tfr'*',  Hjp'*',  Cd^'^).  However,  the  individual  potent!^  fn'  the  first 
ring  reduction  and  first  ring  oxidation  do  vary  remarkably  and  indeed  are 
functions  of  the  polarizing  power  of  the  central  metal  ion,  expressed  as 
charge/radius  (ze/r).  In  generd  the  more  polarizing  the  central  metal  ions,  the 
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easier  it  is  to  reduce  the  ring,  and  the  more  difficult  to  oxidize  the  ring.  A  linear 
plot  of  these  quantities,  the  first  reduction  and  oxidation  potentials  versus  ze/r, 
has  been  obtained  for  many  MPc  species  (M  =  Zn^"*",  Mg^"*",  In^"*",  Ga^"*", 
Al3  +  ,Si^‘‘')inDMF[431 

The  linear  relationships  are: 

EOqjj  -  1170- 11.7  (r/ze) 

EO,^-.385-12(r/ze)  (1) 

for  the  first  oxidation  and  reduction  potentials  versus  SCE  (E^  in  mV,  r  in  pm 
using  ionic  radii  from  the  listing  of  Shannon  and  Prewitt  [44]).  Cd(II),  Hg(n), 
and  Pb(n)Pc  lie  well  off  these  lines  as  a  consequence  of  being  too  large  to  fit  well 
inside  the  Pc  ring.  It  is  certainly  true  that  there  will  be  a  similar  relationship  for 
transitioa  metal  central  ions,  the  h^mr  oxidation  state  ions  causing  more 
ready  ring  reduction  provided  that  central  metal  ion  reduction  does  not  occur 
first  (at  less  negative  potentials);  however,  no  explicit  linear  correlations 
concerning  this  inediction  have  been  reptxted. 

Axial  ligation  has  been  studied  for  some  main  group  MPcs,  especially 
magnesium,  [8,  45,  46]  (Table  2)  however,  the  effects  are  rather  small  for  the 
main  groups  (m  contrast  to  the  transition  groups  where  axial  ligation  can  effect 
large  redox  potential  changes.)  Althov^  the  axial  ligation  can  be  monitored 
spectroscopically  [8,  45],  the  electrochemical  response  in  the  main  groups  is 

ftinall 

The  low  sdubility  of  most  main  group  Pcs  has  limited  the  availability  of 
acceptable  quality  electrochemical  data.  A  few  more  soluble  ring  substituted 
species  are  available  and  are  ched  in  Table  2.  In  general,  however,  aside  from  Mg 
and  21nPc,  main  group  MPc  solution  electrochemistry  has  been  rather  neglected. 


i.  Mctal'Frcc  Phthalocyaiiiiics 

A  range  (tf  metal-free  Pcs  has  been  explored  and  all  oxidation  states 
between  [H2Pc(0)]^'^  and  (H^c(-5)]^  have  been  reported.  The  first  oxidation 
and  reduction  potentials  for  die  variously  substituted  species  fall  within  fairly 
narrow  ranges  (Table  2)  with  separation  about  1.4  V.  However,  H2[TNPc]  m 
the  aromatic  solvent  DCB,  curiously,  is  a  little  more  difficult  to  reduce  and  a  litde 
more  diCBcult  to  oxidize  than  average,  with  separation  of  some  1.6  V.  The 
irreversibility  of  the  first  oxidation  noted  in  [48]  arises  fitm  aggregation  effects. 
The  Pc(-2)  anion  is  present  m  the  pit^jjiammonium  salt  (Table  2)  (and  also  in 
the  lithium  salt,  see  the  fidlowing)  and  is  more  difficult  to  reduce  beuuse  of  the 
net  negttive  charge  [4]. 
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On  the  other  hand,  the  octacyano  substituted  H2[OCNPc]  is  much  easier  to 
reduce.  Its  electrochemistry,  however,  is  somewhat  anomalous.  The  first  three 
reduction  potentials  are  separated  by  about  03  V,  a  rather  small  potential  gap, 
especially  between  the  second  and  third  steps;  however,  the  fourth  reduction  step 
is  displaced  some  0.62  V  more  negative  than  the  third  rather  than  the  more  usual 
03 -0.4  V. 


ii.  The  Alkali  Metal  Phthalocyanines 

The  low  solubility  and  sensitivity  to  water  has  precluded  many  studies  of  the 
electrochemistry  of  th^  spedes.  It  would  be  advantageous  to  synthesize  organic 
soluble  ring  substituted  Pc  derivatives  of  these  metals;  except  for  Li2{TBuPc] 
[72],  such  are  currently  unknown. 

The  alkali  metal  complexes  [vovide  the  interesting  example  of  the  dilithium 
salt  [S6-58,  73],  Li2Pc(-2)  whi^  would  be  expected  to  contain  the  highly 
oxidizable  ^c(-2)]^*  ankm  with  electrostatic  forces  binding  the  Li  ions.  Indeed 
oxidation  occurs  at  only  0.15  V  versus  giving  the  bee  radical  one-electron 
oxidation  product  LiPc(-l),  which  is  quite  a  staMe  species  and  whose  crystal 
structure  has  been  recorded  [73].  A  poorly  defined  wave  corresponding  to  the 
second  oxidaticm  process  to  [IiPc(0)]'*'  has  also  been  reported  [58],  as  has 
reduction  to  the  fiM  amon  radical,  [Pd*3)]^,  occurring  at  a  significantly  more 
negative  potential,  as  a  consequence  of  excess  negative  charge  [58]. 


UL  The  Alkaline  Earth  Metal  Phthalo^anines 

Tim  heavier  metals,  Ca,  Ba,  Sr  have  hardly  been  explored  and  again  would 
bear  study  as  <xganic  sohiUe  spedes.  Magnesium  Pc  however,  has  been  studied 
extensive^. 

MgPc  is  a  nice  example  of  a  well-behaved  metallophthalocyanine  in  that  the 
central  metal  is  not  redox  active  and  aU  redox  processes  therefore  occur  on  the 
phthalocyanine  ring.  In  all,  six  redox  processes  have  been  observed,  spanning 
[MgPc(0)p+  to(MgPc(-6)]^. 

The  effect  of  imidazoles,  pyridines,  and  cyanide  as  ligands  in  the 
six-coordinate  L2Mg(n)Pc(-2)  qmdes  (L  «  Py,  ^ePy,  Im,  Melm,  CN*)  (m  the 
spectroscopic  and  redox  properties  has  been  studied  [46]  using  electronic 
absorption,  MCD  qiectrosoopy,  and  electrochemistry  in  sdudoos.  The  axial 
ligands  cause  a  shift  in  aD  absorptioa  bands  compared  with  that  the  positkm  oi 
the  parent  h%(II)Pc  The  band  center  energies  are  red-shifted  m  a  sequence  that 
foO^  a  decrease  in  the  o-dooor  and  n-acceptor  strengths  of  the  ligand:  H2O 
>  CN*  >Me-py  >  py  >  Me-im  >  im;  however,  the  overall  shifts  are  very 
small,  d  the  or^  of  a  few  hundred  wavenumbers.  The  unligated  species  will  be 


“4/9/92  — pcrev2.03  -18 


axially  solvated  by  solvent  donor  molecules,  and  may  be  coordinated  by  trace 
water  in  nondonor  solvents. 

However,  axial  ligands  actually  have  no  significant  effect  upon  the  ring 
redox  processes  exhibited  by  L2Mg(n)Pc  (Table  2).  This  is  not  peculiar  to  the 
hard  acid  magnesium  since,  as  ^  be  discussed,  axial  ligation  has  very  little  effect 
upon  ring  localized  redox  processes  even  with  transition  metal  MPc  species. 

The  [FMg(n)Pc(-2)]'  anion  has  also  been  studied  [56]  and  has  been  shown 
to  be  rather  more  easily  oxidized,  and  somewhat  more  difficult  to  reduce  than 
other  L2Mg(n)Pc  systems  (Table  2).  This  suggests  significant  reduction  of  the 
net  electropositve  nature  of  the  hard  Mg(n)  ion  by  strong  binding  to  fluoride. 

Data  for  Ba(II)Pc  are  reported  in  Table  2.  On  the  basis  of  the  polarizing 
power  of  the  central  ion  [43],  this  species  should  be  easier  to  oxidize  than 
Mg(n)Pc,  and  it  is,  but  it  is  more  difficult  to  reduce  than  Mg(II)Pc.  The 
oxidation  potential  at  0.45  V  is  aiq>rozimately  correct  as  predicted  by  Eq.(l). 
Two  reduction  potentials  are  reported  at  -0.49  and  -1.08  V  [6].  The  first  is  far  too 
positive  to  be  associated  with  formation  of  [Ba(II)Pc(-3)]*  but  the  second  is 
consistent  therewith.  The  process  at  -0.49  V  must  arise  from  an  impurity. 


iv.  Alnminniw,  CalHnm,  Indium,  and  ThaUinm 
PhthalocyaiiiBcs 

In  line  with  their  greater  polarizing  power,  XAl(III)Pc(-2)  species  [4, 56, 59, 
60]  are  easier  to  reduce  than  Mg(II)Pc(-2)  Init  more  difficult  to  oxidize  ^aUe  2). 
In  paraUel  with  the  [F^(n)Pc(-2)r  analogue,  the  [F2Al(in)Pc(-2)]*  [56]  is 
reladvety  easier  to  oxidize  and  more  difficult  to  reduce.  A  binuclear  complex, 
[FAl(ni)Pc(-2)]20  shows  two  axidalkm  processes  consistent  with  formation  of  a 
mixed-valence  bmuclear  species  (see  the  following)  [56]. 

XGa(III)Pc(-2)  and  XIn(in)Pc(-2)  [6,  43,  50]  behave  analogously  to 
XAl(in)Pc(-2).  l^re  is  no  evidence  for  re^ctkm  of  the  metal  to  Ga(I)  or 
In(I)Pc(-2)  species,  although  cantmical  contributions  of  XIn(I)Pc(-2)  to 
XIn(IIl)Pc<-4)  could  possibly  be  relevant.  Contributions  from  TI(I)  could  be 
more  important  in  XTi(lil)PG(-2)  reduction  processes,  but  data  are  unavailable. 


V.  Gcrmnninni,  Silicon  and  Hb  Phthalocyanincs 

No  solution  data  appear  available  for  L2Ge(IV)Pc(-2)  spedes. 

There  have  been  many  papers  describing  the  electrochemistry  and 
electronic  structure  of  monomeric  and  oligomeric  silicon  phthalocyanines  [43, 69, 
74-79).  Data  are  reported  in  Table  3  (and  shown  m  Figure  3)  appertaining  to 
(nC^j3)jSiO  derivatives  [69],  while  dttta  for  t-BuMe2SiO  systems  [75]  are  very 
closdy  similar  and  are  not  reported  here.  Data  for  the  same  (nC^H^3)3SiO 


--4/9/92  -pcrev2.03  -19— 


derivatives  are  also  included  in  [77]  reported  versus  a  CIO4'  anodized  silver 
reference  electrode.  If  these  are  corrected  to  SCE  by  normalizing  to  the  data  for 
the  monomeric  species  in  [69],  then  the  results  for  the  dimer,  trimer  and  tetramer 
differ  substantially  and  by  a  non  constant  error  from  those  in  [69].  However,  the 
individual  potential  energy  differences  between  successive  redox  processes  agree 
in  both  reports,  for  all  spedes.  This  lack  of  agreement  can  only  be  ejqjlained  by 
a.ssuming  that  one  of  the  reference  systems  was  drifting  from  one  eiqperiment  to 
the  next.  Since  SCE  electrodes  are  usually  drift  free,  while  silver  wire  electrodes 
are  known  to  have  drift  problems,  we  suppose  that  the  data  in  [69]  are  correct, 
especially  as  they  agree  data  for  the  dosely  related  spedes  in  [75]. 

Although  an  early  report  suggested  that  the  first  oxidation  and  reduction 
waves  of  the  dimer  corresponded  each  with  two-electron  processes  [76],  it  is  now 
generally  agreed  that  all  these  processes  (IHgure  3)  are  one-electron  in  nature 
and  therefore  that  mixed-valence  species  are  generated  (see  Section  E,  viii.). 


Figure  3  Cyclic  voltammetry  of  oligomeric  silicon  phthalocyanines, 
(n-C^H|^^StO(SiPcO)||Si(n-CgHj^j  (n*l-4)  in  0.1  M  TBA  (BF4)  in 
dichloromd^hane.  All  poCeotiab  versus  Ag  reference  electrode.  Scan  rate  100 
mV/s.  A)  Monomer,  B)  Dimer,  C)  Trimer  and  D)  Tetramer.  Reproduced  with 
permissaon  from  Ref.  [69]. 
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It  becomes  progressivety  easier  both  to  reduce  and  to  oxidize  these  species 
as  one  proceeds  from  monomer  to  dimer  to  trimer  to  tetramer  (possibly  not  true 
for  the  first  reduction  of  the  tetramer),  although  this  effect  is  more  marked  for 
oxidation  than  reduction.  The  separation  between  the  first  oxidation  and 
reduction  waves  necessarily  decreases  in  this  sequence. 

This  separation  is  a  measure  of  the  LUMO-HOMO  gap,  that  is  evidently 
decreasing.  This  is  to  be  expected  if  both  the  it  and  n  levels  of  adjacent  SiPc 
rings  overlap. 

The  phthalocyanine  rings  interact  through  spatial  overlap  of  the  -orbitals 
[75,  78, 80],  rather  than  through  bonds,  as  for  example  in  a  homologous  series  of 
conjugated  aromatics.  The  steady  decrease  in  the  first  oxidation  potential  from 
monomer  to  tetramer  shows  a  progressive  stabilization  of  the  (mono)cation 
whose  charge  is  probably  delocalized  to  some  extent  over  the  oligomeric  system. 
The  much  smaller  effect  for  the  first  reduction  potential  shows  that,  in  contrast, 
the  (mono)anion  is  not  significantly  stabilized  [75]. 


Table  3  Silicon  Phthalo^anine  Oligomers  Showing  Mixed-Valence  Behavior  (In 
Dichloromethane).  Species  (nC5H^3SiO(SiPcO)QSi(n-C^Hj3);jg  [69] 


n  »  1 

n  >  2 

n  “  3 

n  *  4 

4th  Oxidation 

138 

3rd  Oxidation 

1.47 

1.15 

2nd  Oxidation 

1.20 

1.00 

0.79 

1st  Oxidation 

1.00 

0.71 

0.59 

0.43 

1st  Reduction 

-0.90 

-0.81 

-0.78 

-034 

2nd  Reduction 

•1.48 

-121 

-1.06 

-0.98 

3rd  Reduction 

-1.41 

-130 

4th  Reduction 

-134 

a  Diffuskm  coefficient  values  are  also  included  in  this  report  [69]. 


However,  the  mean  oxidation  potential  (midway  between  the  2,  3  and  4 
oxidation  waves  of  the  dimer,  trimer  and  tetramer,  respectively)  does  not  differ 
significantly  from  that  of  the  mcmimier  oxidation.  This  mean  potential  refers  to 
the  free  energy  for  forming  the  dication  of  the  dimer,  the  trication  of  the  trimer, 
and  the  tetra-cation  of  the  tetramer.  Its  invariance  and  similarity  to  the  oxidation 
potential  of  the  monomer  shows  that  once  all  the  rings  have  been  oxidized  by 
one-electron,  there  is  no  n^  stabilization  of  the  oligomer. 

The  mean  of  the  first  reduction,  however,  defined  in  a  similar  fashion, 
becmnes  progressively  more  negative  as  oligomerization  proceeds  (see  Figure  3 
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and  also  Figure  3  in  [75]).  Thus  the  change  in  free  energy  for  placing  a  negative 
charge  on  each  ring  of  the  monomer,  dimer  etc.  is  consistent  with  increasing 
interelectronic  repulsion  destabilizing  the  anion  radicals  so  formed. 

Data  for  t-amyloxy  silicon  phthalocyanine,  dissolved  in  DMF,  are  also 
reported  in  [43]  (Table  3).  This  species  appears  to  be  about  300  mV  easier  to 
reduce  than  the  (n-C^Hj3)3SiO  species  as  a  consequence  of  the  change  in  axial 
ligand  and/or  solvent.  This  datum  fits  the  polarization  plot  [43],  while  a  value  of 
about  -0.9  V  for  the  first  reduction  process  would  be  a  poor  fit  to  the  regression 
analysis. 


vi.  Phosphorus,  Arsenic,  Antimony,  and  Bismuth 
Phthalocyanines 

WhUe  species  with  these  central  ions  are  known,  little  is  known  about  thenL 
Electrochemical  studies  could  prove  very  interesting. 


vii.  Zinc  Phthalocyanines 

Zn(n)Pc  species  have  been  the  object  of  intense  electrochemical  study  [33, 
49-52, 5^5^  59^  81]  (Figures  2, 4).  As  with  magnesium,  the  central  km  is  well 
behaved  and  redox  inactive  so  thtt  all  oxidation  states  from  [Zn(II)Pc(0)]^''‘  to 
[Zn(II)Pc(-6)]^  are  fairly  readily  observable.  Indeed  the  actual  redox  potentials 
are  very  closely  similar  to  those  Mg(II)Pc. 

The  question  of  the  separation  of  tlm  second  and  third  reduction  process 
was  raised  previously.  Two  data  sets  [4, 55]  for  Za(Il)Pc  in  DMF  cover  the  entire 
reduction  region  to  [2^(II)Pc(-6)]^  but  unfrwtunately  the  numbers  for  the  third 
and  fourth  reduction  processes  differ  quite  dramatically  in  the  two  reports  (Table 
2).  In  terms  of  the  relative  separations  between  successive  reduction  processes, 
the  data  in  [55]  seem  more  reliable. 

Zn(n)[TBuPc]  has  been  studied  by  many  workers  (see  Table  2).  Data  are 
fairly  consistent,  althougii  the  datum  for  oxidation  in  PhN02  seems  too  low  [51]. 

Similar  to  the  flooroahnaianm  system,  [FZo(II)Pc(-2)]*  is  easier  to  oxidize 
and  more  difficult  to  reduce  than  most  other  2^(II)Pc  spedes.  Two  other  species 
bear  special  comment  Data  for  a  series  of  tetrasubstituted  zinc  phthalocyanines 
are  shown  in  Table  4,  v^ule  similar  data  for  octasubstituted  Zinc  species  are 
shown  in  Tti>le  5. 

The  octacyano  spedes,  Za(II)[OCNPc]  [33,  55]  is  very  much  easier  to 
reduce  due  to  the  electron  attracting  cyano  substituents,  with  reduction 
processes  shifted  some  Oft  V  more  positive  than  most  other  Zn(II)Pc  species. 
This  octacyano  spedes  is  strcrngly  aggregated  in  DMF  solution,  and  the 
aggregation-disaggregation  equilibrium  is  slow  relative  to  the  electrochemical 
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time  scale.  Thus  redox  processes  due  to  both  aggregated  and  unaggregated 
Zn(II){OCNPc]  can  simultaneously  be  d»erved  [55]  (Figure  4,  processes  la,lb), 
with  the  aggregated  species  being  reduced  first  (process  la).  Two  different  anion 
species,  [Zn(n)[OCNPc(-3)]]*  can  be  observed  by  reduction  at  -0.1  and  -03  V 
showing  that  the  monoanion  species  also  easts  as  a  mixture  of  aggregated  and 
unaggregated  species.  The  Pc(-3)  and  more  reduced  species  are  however, 
disaggregated,  probably  because  of  their  larger  negative  charges. 

The  perchloro  species,  Zn(II)[Clj5Pc(-2)]  [63]  also  has  its  reduction 
processes  shifted  dramatically  positive,  by  the  electron-withdrawing  effect  of  the 
chloro  substituents,  but  only  about  03  V,  rather  less  than  for  the  octacyano 
derivative.  The  low  soltdiility  of  the  perchloro  species  precludes  a  very  detailed 
study. 


Table  4  Oxidation  Potentials  of  some  Ring  Tetra-Substituted  MPc  Species  in 
Dichlorobenzene,  except  v^re  indicated. 


R 

R4Pc(-1)/R4Pc(-2) 

Zn(n) 

R4Pc(-1)]/R4Pc(.2) 

Ref.  Co(n) 

Ref. 

H 

036(ACN) 

71 

0345 

83 

MeO 

0.625 

82 

0.725 

83 

0.69(ACN) 

71 

t-Bu 

0.685 

82 

0.745 

83 

PhO 

0.755 

82 

0305 

83 

Ph 

0.755 

82 

0335 

83 

PhS 

0.785 

82 

0365 

83 

NHj 

0.68(ACN) 

71 

CO2H 

130(ACN) 

71 

NO2 

136(ACN) 

71 

Neopentoxy  0.47 

65 

viiL  CadmioiB,  Mmoiy,  and  Lead  Phthalocyanines 

Another  situation  arises  with  phthalocyanines  containing  cadmium,  mercury 
and  lead  as  the  central  km.  These  oonqmunds  show  anomalous  redox  behavior 
[6,9,43].  The  kmicradti  of  these  elements  are  too  large  to  lie  within  the  plane  of 
the  iditholo^anine  core,  and  as  indicated  above,  their  redox  potentials  do  not 
adhere  to  the  predictions  in  Eqs.(l).  Since  the  metal  sits  outside  of  the 
phthalocyanine  ring,  the  comfrfex  shows  a  tendency  to  demetallation  in  redox 
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reactions.  This  was  observed  by  Kadish  and  co-workers  [9]  during  the 
electrochemical  reduction  of  Pb(n)Pc  in  DMF.  There  are  tbee  successive 
reversible  one-electron  reduction  steps  observable  on  the  cyclic  voltammetric 
time  scale.  However,  if  the  potential  is  held  just  negative  of  the  first  reduction  (to 
[Pb(II)Pc(-3)]*)  then  demetallation  occurs  over  a  period  of  minutes,  lead  metal  is 
deposited  onto  the  electrode  and  metal-free  phthdocyanine  (or  its  anion  radical) 
is  generated  in  solution. 


Figure  4  Voltammetry  of  Zinc  OctacyanophthakxTaiiine  (S  x  VOr^  M)  [33, 55],  at 
a  Hg  electrode  in  DMF/(0.1  M  TBAP).  A)  Cyclic  voltammetry,  Q2  V/s;  and  B) 
Differential  pulse  voltammetry  at  10  mV/s.  Reproduced  with  permission  frtnn 
Ref.  [55]. 


This  behavior  is  reminiscent  oi  that  of  Ag(II)TNPc  (see  the  following)  that 
is  also  demetallated  when  reduced  to  Ag(I)[lWc(-2)],  for  the  same  reason. 
Pb(II)Pc  shows  two  reversible  oxidations  to  the  mono-  and  dkation  radical 
species  [9]. 
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Table  5  Oxidation  Potentials  of  some  Ring  Octa-Substituted  MPc  Species  in 
Acetonitrile. 


R 

Zn(n)[R8Pc(-l)l  + 
/Zn(n)[R8Pc(-2)l 

Ref. 

Co(II)[R8Pc(-1)]  + 
/Co(n)[R8Pc(-2)] 

Ref. 

MeO 

0.73 

71 

Me 

0.79 

71 

CO2H 

1.61 

71 

CN 

1.76 

71 

BuO 

0.50(DMF) 

68 

H 

0.67(DMF) 

33 

0.86 

71 

D.  Redox  Inactive  Transition  Metal 
Phthalocyanines 

i)  ntaniiim  and  Vanadium  Phthalocyanines 

OTi(IV)Pc  [86]  is  very  insoluble  in  most  solvents.  Its  solution 
electrochemistry  is  unknown,  but  its  surface  electrochemistry,  while  not  discussed 
here,  has  been  e^lored  in  some  detail  [87].  It  is,  however,  possible  to  form 
organic  sohfeat  soluble  OM(IV)[TBuPc)  species  [6].  The  central  ion  is  fairly 
strongly  pdarizing  and  somevdiat  easier  to  reduce  than,  say,  Ni(II)  or  Cu(n)Pc 
(Table  2).  However,  they  are  not  especially  difBcult  to  oiMize.  The  separation 
between  first  oxidation  and  first  reduction,  and  the  separation  between  the  two 
reduction  processes  are  typical  for  ring  redox  processes.  Had  metal  reduction 
occurred,  then  successive  reduction  processes  are  e3q)ected  to  be  separated 
further  (for  exinqrie,  see  Co(II),  Fe(II)  to  follow).  Moreover,  reduction  would 
likely  have  generated  species  sudi  as  (T1(III)Pc(-2)]  in  vdiich  the  oadde  ligand 
had  been  reduced  off.  The  electrochemistry  wo^  then  most  fnobably  have 
been  irreversible.  Thus,  ahhou^  spectroelecdochemical  data  were  not  obtained 
it  would  appear  that  there  is  no  evidence  for  reductkm  d  the  central  titanium  or 
vanadium  ions,  even  uhlmiiflh  these  metal  ions  are  normally  readily  reducible. 

No  tohnkm  data  exist  for  Zr,  Nb,  Iff  or  Ta  phthalocyanine  spedes.  There  is 
a  clear  need  for  further  development  of  organic  soluble  MPc  species  of  the 
left-hand  period  transitioa  elemmits  and  eluddatum  of  their  electrochemical  and 
photophysical  pr(^)erties.  The  extensive  patent  literature  for  OV(IV)Pc  as  a 
potential  optu^  recording  agent  suggests  that  such  further  study  would  be 
pr<^table. 
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iL  Nickel,  Palladium,  Platinum  and  Copper 
Phthalocyanines 

Ni(Il)Pc(*2)  behaves  rather  like  Zn(II)Pc(-2);  it  is  slightly  more  difficult  to 
oxidize,  while  reduction  to  the  monoanion  radical,  Pc(-3),  occurs  at  about  the 
same  potential  [4-6,  SI,  52,  54,  62,  70}.  No  reduction  at  the  central  nickel  ion  is 
expected  although  it  is  theoretically  possible. 

The  aqueous  solution  chemistry  has  been  explored  with  Ni(II)[TsPc]  which 
shows,  in  water,  a  two-electron  ffist  reduction  process  [64].  The  species  is 
strongly  aggregated  in  water. 

Ni(n)[TAPc]  [70]  is  more  difficult  to  reduce  than  most  other  Ni(II)Pc 
species,  showing  a  rather  more  electron-rich  tetraamino-phthalocyanine  ligand. 
An  oxidation  wave  is  observed  only  some  1.2  V  positive  of  the  first  reduction, 
rather  than  the  more  usual  1.6  V.  The  authors  had  proposed  that  this  was  a 
Ni(III)/Ni(II)  couple;  however,  ring  oxidation  is  more  probable  [135].  Oxidation 
of  the  corresponding  Co(n)[TAPc]  occurs  at  only  some  0.69  V  positive  of  the 
flrst  reduction  process  and  the  assignment  of  oxidation  to 
[(DMSO)2Co(in)TAPc(-2)]  is  almost  certainly  valid. 

Brief  details  of  the  reduction  of  Pd(II)Pc  and  Pt(II)Pc  dissolved  in 
methylnaphthalene  at  150°  C  are  reported  in  Table  2.  Little  is  known  of  these 
systems  in  solution,  although  surface  state  electrochemical  data  for  Pt(II)Pc  are 
available  [84]. 

Copper  phthalocyanines  show  well  behaved  redox  processes  [4,6, 47, 51, 52, 
56,  62, 64, 66]  centered  on  the  Ugand,  from  [Cu(n)Pc(-l)]  to  [(^(]^Pc(-5)]^ 
at  potentials  very  similar  to  those  of  NiPc.  llie  octacyano  species, 
Cu(II)[OCNPc],  as  with  other  such  spedes,  shows  couples  shifted  some  0.6  -  0.8 
V  positive  of  those  of  other  CuPc  species  [33, 55]. 


E.  Redox  Active  Transition  Metal 
Phthalocyanines 

i.  General  Introduction 

If  the  transitioa  metal  km  concerned  has  no  accessible  d  orlntal  levels  lying 
within  the  la^  (HOMO)  •  leg  (LUMO)  ^p  of  a  phthalotTanine  specif  then 
its  redoK  chemistry  will  appear^ very  much  like  that  of  a  main  group  spedes.  The 
nickel,  paOadiuin,  platinum  group  behave  in  this  fashion,  with  the  M(II)  central 
ion  bei^  unchanged  as  the  MPc  unit  is  either  oxidized  or  reduced.  Copper(n) 
also  appears  invariant  in  the  MPc  framework,  with  reduction  occurring  at  the 
ring  rather  than  at  the  copper  ion.  Silver  however,  behaves  differently,  as  will  be 
discussed.  However,  smne  species  vary  their  electrochemistry  according  to  their 
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environment.  For  example,  the  oxidation  of  Co(II)Pc(-2)  can  lead  to 
[Co(n)Pc(>l)]  or  [Co(III)Pc(-2)]  depending  upon  whe^er  there  are  any 
available  suitable  coordtoating  species  that  would  stabilize  the  Co(II)  center; 
these  variations  are  eiqplored  m  the  following. 

When  a  cyclic  voltammogram,  such  as  that  shown  in  Figure  2,  for 
Zn(II)[TNPc]  is  obtained,  then,  assuming  the  rest  potential  [85]  is  known,  the 
couples  are  easily  assigned  to  successive  ring  reductions  and  ring  oxidations  of 
the  bulk  species.  With  the  corresponding  voltammograms  for  Co(n)[TNPc] 
(Figure  5)  containing  a  metal  center  that  itself  may  undergo  a  redox  process,  the 
assignment  of  the  couples  a  no  longer  straightforward.  From  knowledge  of  the 
rest  potential,  it  is  certainly  easy  to  dUringulsh  net  reductions  of  the  bulk,  from 
net  oxidatioos,  but  the  voltammogram  does  not  readily  convey  information  about 
the  site  of  the  redox  process,  metal  center,  or  ring.  To  solve  this  dilemma,  the 
usual  procedure  is  to  carry  out  controlled  potential  reductions  some  200  mV 
negative  of  each  reduction  couple,  and  some  200  mV  positive  of  each  oxidation 
couple,  in  order  to  generate  sdutkms  containing  bulk  quantities  of  the  various 
reduced  and  oxidized  species. 


Flgore  5  Cyclic  vofUmnetry  for  Co<n){TNPc(-2)|  (1  x  10^  M),  a)  in  DCB 
solution,  and  b)  in  OMF  solution.  Scan  rate  SO  mV/s,  [TBAP]  »  03  M. 
Reproduced  with  permisskm  from  lef.  [49]. 


Table  6  Traositioo  Metal  Electrocheinistry  -  Systems  Displaying  M(in),  M(I1)  and  M(l)  (versus  SCE)^. 
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Electronic  spectroscopy  (including  magnetic  circular  dichroism,  MCD)  and 
electron  s|m  resonance  (^R)  spectroscopy  of  these  solutions  can  then  usually 
determine  the  site  of  redox.  If  r^uced  or  oxidized  species  can  be  isolated,  then 
other  characterization  procedures  such  as  FTIR,  magnetic  susceptibility 
measurements,  and  x-ray  photoelectron  spectroscopy  might  be  employed.  Quite 
frequently  the  combination  of  electronic  spectra  and  ESR  is  sufficient  to 
determine  the  site  of  redmc  especially  when  studying  a  metal  ion  for  which  there 
already  exists  an  extensive  database. 

It  is  not  the  purpose  of  this  chapter  to  delineate  in  any  detail  how  the 
distinction  between  metal  centered  or  ring  redox  processes  can  be  made.  The 
reader  is  referred  to  relevant  chapters  in  these  volumes  where  such  information  is 
available. 


ii.  Chromimn,  Molybdeniim,  and  Tungsten 
Phthalocyanines 

Although  the  chemistry  of  chromium  phthalocyanines  has  been  fairly 
extensively  studied  [6,  54,  61,  88-90],  their  electrochemistry  is,  as  yet,  poorly 
characterked  (Table  6).  Both  Cr(II)Pc  and  XCr(III)Pc  species  are  Imown,  with 
the  former  being  air  sensitive.  Thus  the  first  reduction  process,  fot  XCr(III)Pc,  is 
almost  certainly  XCr(in)Pc/Cr(II)Pc.  The  potential  of  this  first  reduction 
process  varies  over  quite  a  considerable  range  (-0.87  -  ( +0.52)  V)  (Table  6).  The 
most  positive  potential  appears  in  pyridine  vriierein  (Py)2Cr(II)Pc  is  known  to  be 
formed  as  a  stable,  air-insensitive  species  {90].  The  most  negative  ID/II  potential 
refers  to  the  reduction  of  HOCr(in)(TBttPc(-2)]  {6,  91]  in  DMF  wherein  the 
spe<^  (DMF)^r(II)(TBuPc(*2)]  is  likefy  form^  llie  DMF  group  is  likely  to 
stabilize  Cr(in)  to  a  much  greater  dcgrtc  than  pyridine  consistent  with  the 
electrochemical  observation.  We  had  (veviousty  ass^^ied  [6]  the  potential  at  -0.87 
V  to  Cr(n)Pc(-2)/Cr(II)Pc(-3)  but  this  is  unlikely  to  be  correct  since  one  would 
then  have  to  assign  the  oxidation  at  +0.7  to  the  Cr(lll)/Cr(n)  couple,  an 
unreasonably  high  value.  There  is  no  systematic  study  of  the  effect  of  axial 
ligation  on  the  potential  of  the  Cr(III)/Cr(II)  couple,  but  the  potentials  for 
(Py)2Cr(II)Pc  a^  (DMF)2Cr(II)(TBuPc(-2)]  (from  the  hydro]9chromium(in) 
species  in  DMF)  being  so  disparate  ( +0.52  and  -0.87  V)  would  make  such  a 
study  worthwhile. 

Some  previously  unpublished  data  [92a]  for  (Py)2Cr(n)Pc  dissolved  in 
pyridine  in  the  presence  of  diloride  ion  are  reputed  in  Table  6.  Unfortunately 
spectroelectrodiemical  data  were  not  collected  at  the  time.  The  presence  of 
(^ride  ion  is  expected  to  frvor  Cr(III).  A  couple  appears  at  -0.9  V  in  the 
(Py)2CKn)Pc/Py/CT  system  and  may  involve  the  Cr(ni)/Cr(II)  couple  for  a 
chlonde  bound  species. 

Thus  the  Cr(III)/Cr(II)  couple  appears  to  vary  over  an  exceptionally  wide 
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range  as  a  fmctioo  of  axial  ligand:  (Py)2  0  J2;  (CN)2  -0-56;  (DMF)2  -0^;  Py,Cl  ? 
-0.90  V.  Qearly,  further  work  coupled  to  spectroelectrochemical  data  is 
required. 

Further  reduction  (of  Cr(n)Pc(-2))  probably  yields  a  [Cr(II)Pc(-3)]* 
species,  while  oxidation  (of  XCr(III)Pc(-2))  almost  certainly  yields 
[XCr(III)Pc(-l)]  radical  cation  species,  but  confirmatory  evidence  is  lacking 
(Table  6). 

Ferraudi  has  recently  published  some  solution  data  for 
0(HO)Mo(V)[TsPc]  in  DMF  [92b],  with  the  apparent  identification  of  the 
Mo(VI)/Mo(V)  and  Mo(V)/Mo(IV)  redox  couples  (Table  6).  No  solution 
electrochemical  data  appear  to  exist  for  any  tungsten  phthalocyanines. 


UL  Manganese,  Technetium,  and  Rhenium  Phthalocyanines 

Extensive  solution  data  exist  for  manganese  phthalocyanines,  but  no  data 
for  either  technetium  or  rhenium. 

The  electrochemistry  <rf  Mn(II)Pc  has  been  studied  in  some  depth  [6, 52, 60, 
93-95].  It  shows  very  little  variation  with  coOTdinating  axial  ligand  (donor  solvent 
or  supporting  electrolyte  anion).  The  Mn(III)/Mn(II)  oxidation  couple  lies  in  the 
narrow  range  -0.23  •  (-f  0.005)  V  for  all  systems  studied.  There  is  a  sli^t 
stabilization  of  Mn(n)  in  the  sequence  Py  >  DMSO  >  DMA  «  DMF  [93]. 
Coordination  by  strongly  coordinating  anions  favors  Mn(III),  in  the  sequence  Q* 
>  Br'  >  CIO4*  but  the  variation  is  mimh  smaller  than  for  iron  phthalocyanine 
(see  the  folknraag).  There  is  a  rather  flat,  but  linear,  correlation  with  the  donor 
number  (Gutmann)  of  the  solvent,  with  a  dope  the  same  as  that  to  be  discussed 
below  for  Fe(III)Pc/Fe(II)Pc  [95]. 

Two  equilibria  should  be  considered: 

[(Sol)2Mn(in)Pc(-2)]  +  +  e*  <--->  (Sol)2Mn(II)Pc(.2)  (2) 

X*  +  [(Sol)2Mn(in)Pc(-2)]+  <--->  X(Sol)Mn(UI)Fc(-2)  +  Sol  (3) 

Where  Sol  is  solvent  and  X*  is  a  counteranion,  and  where 
six-coordinate  Ma(IlI)  is  mferred  from  a  solutkm  m^netic  susceptibility  study 
[93].  Equilflxiam  (3)  shifts  the  potential  to  more  negative  values  with  increasing 
stabilization  of  the  X(SoOMii(III)Pc<-2)  spedes.  Since  [(Sol)2Mn(III)Pc(-2)] 
is  easier  to  redone  thim  ^Soi)MB(III)Pc(-2),  the  equilMum  wiD  shift  so  as  to 
produce  this  latter  spedes  on  the  ele^o^  at  the  reduction  couple  potential. 
With  high-speed  voltammetry  one  may  expect  that  it  should  be  possible  also  to 
see  the  redaction  coople  for  X(SoO^^(I^)Pc(-2)  if  scanning  is  faster  than  the 
rate  for  re-eqoQibratioa  to  [(SoI^Mn(III)P^-2)]  .  Such  an  additional  couple  is 
seen  with  X*  «  OH*  [94],  where  couples  corresponding  to  the  reduction  of  both 
Mn(III)  spedes  can  be  observed.  Their  total  r^uctkm  current  is  constant  with 
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respect  to  scan  rate,  but  the  relative  ratio  of  the  two  currents  depends  upon  scan 
rate,  favoring  the  X(Sol)Mn(in)Pc(-2)  species  at  higher  scan  rates.  The 
reduction  product,  [HOMn(II)Pc(-2)]*  loses  OH*,  very  rapidly  such  that  its 
reoxidation  is  not  (4)Mrved  at  the  hi^iest  scan  rates  studi^  [94]. 

A  further  oxidation  couple  was  only  seen  in  DMF  (at  +0.87  V)  but  the 
product  was  not  stable  on  spectroelectrochemical  oxidation.  The  couple  likely 
corresponds  to  [XMn(ni)Pc(<l)|'^/XMn(ni)Pc(-2)  rather  than  oxidation  to 
Mn(rV),  but  spectroelectrocheniii^  evidence  is  desirable. 

The  first  reduction  potential  also  occurs  within  a  very  narrow  range  (-0.69  - 
(-0.80)  V)  being  essentially  independent  of  solvent  or  counteranion.  This  argues 
for  reduction  to  the  anion  radical,  viz  Mn(n)Pc(-2)/nifn(II)Pc(-3)]'  rather  than 
to  the  d^  [Mn(I)Pc(-2)]*,  v^ch,  by  anak^  with  d°  Fe(III)Pc,  is  expected  to 
show  marked  solvent  and  anion  dependence.  The  electronic  spectrum  of  this 
reduced  species  is  consistent  with  fmmation  of  the  anion  radical  [93]. 

Smith,  Pilbrow  and  co-workers  [96]  have  studied  the  chemical  reduction 
products  of  Mn(n)[TsPc(-2)],  and  on  the  basis  of  ESR  spectroscopy,  assign  the 
two  successive  reduction  fvocesses  to  formation  of  Mn(I)[TsPc(-2)]*  and 
Mn(0)[TsPc(-2)p*  (where  any  charges  on  the  sulfon^d  groups  are  ignored). 

While  the  solvent  independence  of  the  first  reduction  process  argues  for 
anion  radical  formation,  the  separation  between  the  first  and  second  reduction 
processes  (*  0.6  V)  is  rather  large  to  be  ascribed  to  successive  phthalocyanine 
ring  reduction  processes  that  are  normally  separated  by  about  0.4  V  (see 
preceding  discu^uon)  [4].  The  observed  separation  of  0.77  V  (in  DMF)  is  more 
consistent  with  the  separation  of  the  seomd  and  third  ring  reduced  spedes,  but 
that  aasumpdon  fails  to  provide  a  logical  assignment  for  the  -0.7  V  couple.  If  this 
latter  couple  is  assigned  to  Mn(II)Pc(-2)/[Mn(I)Pc(*2)]*,  then  the  separation  of 
0.77  V  to  the  next  reduction  process,  to  form  [Mn(I)Pc(-3)]^'  or 
[Mn(0)Pc(-2)]2*,  is  not  unreasonable,  althoi^  it  is  substantially  less  than  the 
corresptmding  separation  in  CoPc  chemistry  (about  1.1  V,  see  the  following). 
Note  t^  Clack,  Hush  and  Woohey  [4]  quote  two  further  reductum  processes,  m 
DMF,  whose  potentials  and  separations  are  consistent  with  the  sequential 
reduction  of  the  phthalocyanine  ring. 

In  methyla^phthalBae  at  150°  C,  Mn(II)Pc  shows  a  normal  pair  of  reduction 
processes  [^]  separated  by  0.45  V.  Possibly  in  noncoordinating  solvents, 
reduction  to  [Mn(II)Pc(-3)]'  takes  place,  while  in  coordinating  solvents, 
[S2Mn(I)Pc(-2)]'  is  formed,  even  little  solvent  dependence  is  observed. 

A  complete  understanding  of  this  system  remains  elusive  (data  are  so-assigned  in 
Tabled). 

Manganese  phthalocyanine  can  be  oxidized  to  form  a  bridging  oxo  spedes, 
PcMn(in)>0-Mn(III)Pc  whose  electrochemistry  has  been  explored  in  depth  [94]. 
F%are  6  iHnstrates  its  intriguing  electrochemistiy.  Detailed  analysis  of  the  current 
of  the  several  couples,  as  a  function  of  scan  rate,  reveals  that 
PcMn(III)-0-Mn(III)P6  undergoes  a  two-electron  reduction,  at  -0.85  V,  to  yield 
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[PcMn(II)-0-Mn(II)Pc]^*,  which  is  unstable  with  respect  to  bridge  cleavage 
generating  two  mononuclear  Mn(U)Pc(-2)  fragments,  lliese,  however,  exist  on 
an  electrode  polarized  (at  -0.85  V)  at  a  potential  negative  of  the  reduction 
process  to  form  [Mn(II)Pc(-3)]';  thus  two  further  electrons  are  taken  up  to  form 
two  molecules  of  this  anion  radical  species.  Thus  PcMn(III)-0-Mn(in)Pc 
undergoes  a  four-electron  irreversible  reduction  at  this  potential.  A  careful 
analysis  of  the  high-and  low-scan  rate  data  provided  evidence  for  this  2-1-2 
reduction  mechanism  in  distinction  to  possible  alternatives  such  as  a  concerted 
four  electron  reduction  step,  or  1  -t-  3  combinations  [94]. 
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Fig;ure  6  Cydk  Voltaflunetry  of  n  -axobis(plitlialocyaiiiiienuinganese(llI))  [94].  a) 
oxidatioo  in  i)  pyridine,  and  ii)  DMF.  b)  Reduction  voltammograms  in 
pyrMfine/TEAP,  i)  initial  scan  -»-0.1  to  -OJ  V;  ii)  initial  scan  -t-0.1  to  -1.1  V;  iii) 
iidtial  (dotted)  and  second  (solid)  scans  -t-0.1  to  -1.1  V;  iv)  initial  scan  -t-0.1  to 
-1.6  V;  v)  condnuoua  scan  -t-0.1  to  -lii  V.  Scan  rates  are  0.1  V/s  except  for  v) 
which  is  10  V/s.  Reproduced  with  permissioa  from  ref.  [49]. 
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In  the  initial  negative  going  scan  (from  +0.1  V)  (Figure  6,  b,iii)  only  this 
four-electron  reduction  process  is  seen.  Successive  scans  however,  reveal  couples 
due  to  the  mononuclear  MnPc  species  formed  at  the  electrode  surface  (see 
Scheme  I  in  [94]). 

Note  that  formation  of  the  oxo  bridge  stabilizes  Mn(in)Pc,  relative  to  the 
mononuclear  species,  by  0.7S  V. 

A  one-electron  oxidation  was  observed  in  pyridine  at  about  +0.35  V, 
presumably  to  form  [Pc(-2)Mn(IV)-0-Mn(III)Pc(-2)]  but  this  complex  was 
insufBciently  stable  to  prove  its  i^ntity  spectroscopically  [94]. 


iv.  Iron,  Ruthenium,  and  Osmium  Phthalocyanines 

Iron(n)  phthalocyanine  is  fairly  soluble  in  a  wide  range  of  donor  solvents 
(and  some  nondonor  solvents),  and  this  solubility,  in  distinction  to  species  such  as 
OTiPc,  OVPc  etc.,  has  led  to  many  studies  of  its  electrochemical  properties  in 
solution  [4, 6, 10, 54, 60-62, 93, 97-102]. 

Iron(II)  phthalocyanine  commonly  displays  four  reversible  couples  in  the 
range  + 1.00  -  (-2.00)  V  (Table  6).  Oxidation  to  [Fe(in)Pc(-2)]  occurs  in  the 
range  -0.15  -  (  +  0.69)  V  highly  dependent  upon  the  solvent  and  counteranion. 
Iron(II)  phthalocyanine  binds  donor  solvents  to  form  six-coordinate 
(Sol)2Fe(n)Pc(-2)  species,  ndiile  the  Fe(III)Pc  oxidation  product  has  been 
proven  by  electronic  and  electron  spm  resonance  spectroscopy  [97]. 

Thus,  analysis  of  the  scan  rate  dependence  of  the  anodic  and  cathodic 
currents  (for  the  ondation  couple)  [93, 103]  demonstrates  a  reversible  electron 
transfer  followed  by  a  chemical  reaction  upon  oxidation: 

(Sol)2Fe(n)Pc(-2)  <  =  =  =  >  [(Sol)2Fe(ffl)Pc(-2)]  +  +  e' 

[(Sol)2Fe(III)Pc(-2)]  +  +  X’  <  =  =  =  >  X(Sol)Fe(III)Pc(-2)  (4) 

[X(Sol)Fe(III)Pc(-2)]  +  e-  <  = .  =  >  [X(Sol)Fe(n)Pc(-2)]-  (5) 

In  this  case  strong  binding  of  the  counteranion  in  [X(Sol)Fe(III)Pc(-2)] 
greatly  influences  the  potential  at  that  the  Fe(III)/Fe(II)  process  is  observ^. 
Reaction  (4)  must  proceed  r^ndly  to  the  ri^it,  but  not  to  the  left,  relative  to  the 
voltammetric  time  scale,  and  thus  the  stability  of  X(Sol)Fe(III)Pc(-2)  determines 
the  observed  Fe(ni)/Fe(II)  potential,  shifting  to  more  negative  potentials  in  the 
sequence: 

a04*  <  Br'  <  a*  <  OH* 

Pyridine  stabilizes  Fe(n)Pc,  through  formation  of  (Py)2Fe(II)Pc(-2)  to  such 
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a  degree  that  the  oxidation  product,  [(Py)2Fe(III)Pc(-2)] is  unstable  in 
pyridine  and  there  is  a  marked  loss  of  cathodic  current  on  the  return  wave.  The 
Fe(III)/Fe(n)  couple  shifts  positively  in  the  sequence: 

DMA  =  DMF  <  DMSO  <  Py 

and  linearly  follows  the  Gutmann  donor  number  for  the  solvent  [95]. 

Thus  the  most  negative  potential  is  obtained  by  dissolving  Fe(II)Pc  in  DMA 
or  DMF  in  the  presence  of  chloride  ion.  Indeed  this  combination  leads  to  an  air 
sensitive  solution  that  oxidizes  directly  in  air  to  the  Fe(III)  species  [97]. 

In  contrast  to  the  situation  with  Mn(n)Pc,  the  first  r^uction  process  with 
Fe(II)Pc  also  shows  quite  strong  solvent  dependence  shifting  negatively  in  the 
sequence  DMA  <  DMSO  <  Py  (Table  6),  but  little  dependence  upon  anion. 
Electronic  and  electron  spin  resonance  data  clearly  show  formation  of 
[Fe(I)Pc(-2)]‘  species.  Moreover,  the  latter  experiment,  in  the  presence  of 
pyridine  as  solvent  (or  with  imidazole/DMA  or  Pl^P/DMSO),  clearly  identifies  a 
five  coordinate  [LFe(I)Pc(-2)]*  species  [97].  Analysis  of  the  scan-rate 
dependence  of  the  current  then  confirms  a  reversible  electron  transfer  followed 
by  a  chemical  reaction,  omsistent  with  (and  generalizing  for  solvent,  Sol): 

(Sol)2Fe(n)Pc(-2)  -t-  e*  <  ™  >  [(Sol)2Fe(I)Pc(-2)]*  (6) 

[(Sol)2Fe(I)Pc(-2)]*  <  -  >  [(Sol)Fe(I)Pc(-2)]’  +  Sol  (7) 

With  increasing  donor  strength  of  solvent,  the  (Sol)2Fe(II)Pc(-2)  species  is 
stabilized.  Since  anion  bmding  is  not  involved,  there  is  little  dependence  thereon. 
The  sequence  of  solvent  dependence  is  the  reverse  of  that  of  the  Fe(III)/Fe(n) 
couple,  because  it  is  now  the  higher,  rather  than  the  lower,  oxidation  state  that  is 
being  preferentially  stabilized. 

However,  the  situation  is  more  complex  than  this  as  shown  by  the  variable 
scan  rate  data  shown  in  Rguie  7.  Two  pairs  of  couples  associated  with  the 
Fe(II)/Fe(I)  imxess  can  be  seen.  The  data  may  be  explained  by  consideration  of 
two  additional  equilibria: 

[(Sol)Fe(I)Pc(-2)]-  <  — >  (SoI)Fe(II)Pc(-2)  e'  (8) 

(Sol)Fe(n)Pc(-2)  +  Sol  <  —  >  (Sol)2Fe(II)Pc(-2)  (9) 

Given  that  six-coordinate  [(SoI)2Fe(I)Pc(-2)]'  would  oxidize  at  a  more 
negative  potential  (Eq.  6)  than  fiw  coordin^e  [(Sol)Fe(I)Pc(-2)]*  (Eq.  8)  (due  to 
increased  destabilization  of  the  filled  d22  orUtal),  then  the  former  equiUbrium 
(6),  is  associated  with  couple  B3'  (Figure  7)  and  the  latter  with  A,A’.  Reduction 
of  six-cowdinate  Fe(II)Pc  (Eq.  6)  leads  to  rapid  loss  of  solvent  (Eq.  7).  At  slow 
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scans,  on  the  reverse  scan,  there  is  sufficient  time  for  reaction  (7)  to  proceed  to 
the  left  to  a  large  degree,  hence  wave  B  is  more  prominent  than  wave  A.  At  high 
scan  rates,  there  is  insufficient  time,  permitting  reaction  (8)  to  dominate,  and 
therefore  wave  A  becomes  more  intense  than  wave  B.  The  observation  of  wave 
A’  at  high  scan  rates  demonstrates  that  equilibrium  (9)  does  not  proceed  so 
rapidly  to  the  right  [97]. 

The  next  reduction  process  occurs  at  the  phthalocyanine  ring,  to  form 
[(Soi)Fe(I)Pc(-3)]^*.  Since  Fe(n)  is  not  involved,  tlus  second  reduction  couple 
shows  little  solvent  or  anion  dependence.  It  varies  from  the  first  reduction  by 
some  0.2  (Py)  to  0.7  V  (DMA).  The  very  small  separation  for  pyridine  follows 
from  the  strong  stabilization  of  Fe(n)Pc  by  this  solvent.  The  scan  rate/current 
dependence  is  consistent  with  a  simple  ele^on  transfer  without  any  following 
chemical  reaction,  consistent  with  the  assignment  Further  reduction,  likely  to 
form  [(Sol)Fe(I)P^-4)]^  occurs  at  a  potential  ••  0.6  V  more  negative  (Table  6). 


mv 


Figure  7  Variable  Scan  Rate  Data  for  Fe(n)Pc/DMA/TEABr.  Scan  rates  from 
lower  to  upper  curves  are  0.1,  10  and  50  V/s  respectively.  Wave  A  does  not 
appear  m  a  voltanunogram  scanned  at  0.01  V/s.  Reproduced  with  permission 
from  Ref.  [97]. 
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Kadish,  Bottomley,  and  Cheng  [98]  have  reported  a  detailed  spectroscopic 
and  electrochemical  study  of  Fe(II)Pc  in  the  presence  of  the  bases  (L)  imidazole, 
2-methylimidazole,  N-methylimidazole,  and  a  range  of  mono-di-and 
trisubstituted  pyridines.  They  report  binding  constants  for  these  ligands,  in 
DMSO,  for  L2Fe(II)Pc(-2)  (Log  Kj  and  Log  and  for  [LFe(I)Pc(-2)]-, 
obtained  by  spectroscopic  or  electrochemical  analysis  of  ligand*titrated  solutions 
of  Fe(II)Pc  in  DMSO,  but  the  reader  should  note  some  dissenting  arguments  in 
[130]. 

Figure  8  shows  how  couple  I,  (Eqs.  6,7)  shifts  toward  couple  II 
([LFe(I)Pc(-2)]*/[LFe(I)Pc(-3)]2*,  L  =  DMSO  or  imidazole,  depending  ui»n 
concentration  of  imidazole)  with  increasing  imidazole  concentration  and  merging 
therewith  at  concentrations  greater  than  0.1  M  [Im]  (or  (N-Melmj).  A  plot  of 
£^^2  versus  log  [L]  gave  a  slope  of  <57  mV/pH  unit  consistent  with  the  loss  of  one 
ligand  upon  reduction.  The  newly  formed  process  (ID)  is  a  two-electron 
reduction  forming  [(Im)Fe(I)Pc(-3)r*  directly  from  (Im)2Fe(II)Pc(-2). 


POTENJ^IAL  (vol+s  vs.  SCE  ) 

Figure  8  Cyclic  voltammetry  of  iron  phthalocyanine  (1.18  mM)  in 
Me2SO/Imidaz(rieA).l  M  TEAP.  Scan  rate  0.1  V/s;  Imidazole  amcentradons,  a) 
0,  b)  0.01  M,  c)  0.9S  M.  Reproduced  with  permission  from  Ref.  [98]. 
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CarefU  analysis  of  the  electrochemical  data  shows  that  there  are  two 
sequential  one-etectron  processes  at  the  same  potential  (EE  process),  with  the 
first  (corresponding  with  Eqs.  6,  7)  being  rate  controlling.  The  addition  of 
imidazole  has  no  effect  upon  the  potential  of  couple  n. 

This  observation  is  in  contrast  to  the  titration  of  2-methyliniidazole, 
l^-dimethyliniidazole,  and  a  range  of  different  substituted  pyridines  in  DMSO. 
At  low  concentrations  (log  [L]  <  0.05  M)  only  couple  I  shifts  negatively,  and 
couple  n  is  invariant,  but  at  h^er  concentrations  b(^  couples  shift  negatively, 
and  with  the  same  slope  («  <57  mV/pH  unit).  Thus  both  the  L2Fe(II)Pc(-2)  and 
[LFe(I)Pc(*2)]*  species  lose  a  ligand  L  upon  reduction  finally  to  form 
[(DMSO)Fe(I)Pc(-3)]^'.  With  these  ligands,  couples  I  and  n  do  not  c^esce. 

Rnally,  data  for  the  sterically  hindered  ligands  2,4>lutidine  or  2,4,6<ollidine 
were  interpreted  in  terms  of  binding  of  these  ligands  to  Fe(n)Pc(-2)  but  not  to 
[Fe(I)Pc(.2)]-. 

A  very  early  study  [62]  reported  0.19  V  for  the  Fe(n)Pc  oxidation  couple  in 
the  noncoordinating  chloronaphthalene.  This  datum  likely  then  refers  to 
oxidation  of  the  four  coordinate  Fe(n)Pc  fragment,  but  vAether  oxidation  occurs 
at  the  metal  center  or  phthalocyanine  ring  was  not  proven. 

While  Fe(II)Pc  in  common  with  ail  other  unsubstituted 
metallophthalocyanines,  is  insohiUe  in  water,  it  will  dissolve  therein,  in  the 
presence  of  cyanide  ion,  forming  the  somewhat  water-soluble 
[(CN)2Pe(II)Pc(*2)]^  (tSa,  86, 100].  Data  fm  this  species  (Table  6)  have  been 
reported  by  three  grotqM  (100, 88,  lOS].  It  shows  an  F^III)/Fe(II)  oxidation  wave 
at  0.14  V  (in  acetone)  (or  0.04  V  in  CH2CI2),  incficating  rather  strong 
stabilization  of  the  Fe(in)  state  by  the  bound  cyanide  ligands.  The  three  sets  of 
data,  in  different  solvents,  show  rather  dramatically  different  potentials  that 
might  indicate  significant  soivatochromism,  but  the  system  should  be 
reinvestigated.  In  acetone  [88]  the  Fe(II)/Fe(I)  couple  falls  at  a  very  typical 
potential,  suggesting  that  cyanide  does  not  especially  favor  binding  to  Fe(II). 
Curiously,  however,  the  next  reduction,  forming  the  [Fe(I)Pc(*3)]*  anion  radicd 
species,  is  found  some  0.1  •  03  V  more  negative  than  all  other  observations.  Ring 
oxidation  is  seen  at  0.7  - 1.16  V. 

Various  ring  substituted  iron  phthalocyanines  have  been  studied.  The 
tetrasulfonated  species,  Fe(n)[TsPc]  has  potentials  very  closely  similar  to  those 
of  the  unsubstituted  spcdes.  Its  ready  solubility  permitted  a  detailed 
spectroelectrochemical  study  as  a  function  of  pH  [101].  The  aggregation 
properties  of  CofTsPc]  and  FefTsPc]  were  studied  as  a  ftuction  of  oxidation 
state  and  the  results  haw  been  reported  in  Table  3  of  [101].  In  summary; 

M(I)(TsPc(-2)]  species  (M  »  Co^^e);  nonaggregated  in  add  and  base. 

Co(II)(TsPc(-2)]  spedes;  aggregated  in  add  and  base. 

Fe(II)n'sPc(-2)]  species;  partly  aggregated  in  add  and  base. 

Co(III)(TsPc(-2)]  spedes;  nonaggregated  in  add,  probably  dimeric  in  base. 

FeOn)[TsPc(-2)]  spedesi  aggregated  in  add,  prol^ly  dinmiic  in  base. 
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These  results  strictly  only  apply  to  the  conditions  used  and,  in  general, 
aggregation  will  diminish  with  (Uution. 

The  corresponding  tetracarboxy  species  Fe(II)[TcPc]  is  reported  [71]  to 
have  an  oxidation  potential  of  1.22  V  but  this  is  far  too  positive  to  be  due  to 
Fe(III)/Fe(II)  and  must  refer  to  oxidatum  of  the  Fe(III)[TcPc]  species  (Table  6). 

The  hexadecachlorophthalocyanines  have  unusual  electrochemical 
properties  [63].  The  presence  of  16  substituting  chlorine  atoms  is  expected  to 
greatly  stabilize  ring  reduction  and  destabilize  metal  centered  oxidation.  The 
former  predicti<m  is  clearly  demonstrated  by  reduction  of  Zn(n)[Cl]^gPc(*2)] 
(unequivocally  to  [Zn(n)[Q]^^c(-3)]')  occurring  some  03  V  or  more  positive  of 
the  usual  reduction  potential  [63]  (Table  2).  The  observed  oxidation  potential, 
for  Fe(n)[Qj5Pc(-2)]  m  DMF,  at  0.73  V  agrees  with  the  latter  prediction,  being 
much  more  positive  than  most  other  Fe(ni)/Fe(II)  couples.  Reduction  yields  two 
waves  at  >1.11  and  -1.73  V  but  the  fommr  cannot  be  assigned  to  the  Fe(n)/Fe(I) 
couple  since  it  falls  considerably  negative  of  this  process  in  all  other  iron 
phthalocyanines,  rather  than  positive  as  mqiected.  Rather  these  two  processes 
must  be  assigned  to  reduction  to  (Fe(I)[Clj5Pc(-3)]]^‘  and  then  to 
[Fe(I)[Cl]^^Pc(-4)]]^  occurrii^  at  more  positive  potentials  than  the 
correspondmg  processes  in  other  iron  {dithalocyanine  species  (Table  6). 

The  absence  of  observation  of  the  Fe(II)/Fe(I)  process,  and  of  the 
corresponding  Co(II)/Co(I)  process  b  Co(n)[Cli5P^*2)]  (see  tte  following), 
must  arise  throiigh  kinetic  riuggishness.  The  M[F|^c(-2)]  M  «  Fe(I]),  Co(II), 
species  behave  in  a  very  similar  bshkm  [110]. 

Ercolani  and  co-workers  [106,111]  have  explored  the  electrochemistry  of 
Pc(-2)Fe(in)-0-Fe(ni)Pc(.2)  and  Pc(-2)Fe(in3)-N-Fe(ni3)Pc(-2).  These 
species  are  discussed  in  smne  detail  m  another  chapter  in  this  volume  [112]  and 
so  will  only  be  summarized  here.  The  data  are  reported  in  Table  5  of  ref.  [112] 
together  vi^  corresptmding  tetraphenylporphyrin  measurements. 

On  the  voltammetric  time  scale,  Pc(-2)Fe(III)-0-Fe(III)Pc  is  shown  to 
undergo  one-electron  oxidation,  at  0.47  V  in  pyridine,  to  a  mixed-valence 
Fe(III)-0-Fe(IV)  species  and  two  successive  one-electron  reductions  (-039, 
-0.^  ^  to  the  ndxed-valence  Fe(III)-0-Fe(II)  and  then  Fe(II)-0-Fe(II)  species 
with  the  integrity  of  the  Fe-O-Fe  bridge  being  maintained.  Over  longer  time 
periods,  however,  all  these  reduced  or  oxidized  species  cleave  and 
electrochemical  waves  corresponding  to  the  mononuclear  FePc  fragments  are 
observed.  Given  that  the  Fe(III)/Fe(n)  couple  for  (Py)2Fe(II)Pc  is  observed  at 
0.66  V  (Table  6),  the  oobo  bridge  confers  some  133  V  sUMlity  to  Fe(III). 

The  nitrido  dimer  displays  an  oxidttion  couple  at  OD  V  in  pyridine,  forming 
the  Fe(rV)-N-Fe(IV)  species,  and  three  successive  reductions  (-033,  -1.02,  -139 
V)  show  bridge  integrity.  On  a  longer  time  scale  the  Srst  oxidation  and  reduction 
processes  yield  stable  specks,  in  contradistinction  to  the  ooco  bridged  specks,  but 
the  second  and  third  reduction  processes  lead  to  bridge  cleavage.  Comparing 
iso-electronk  spedes,  the  nitrido  bridge  confers  some  13  V  stability  over  the 
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corresponding  mixed-valence  Fe(in)-0-Fe(rV)  species. 

Ruthenium(n)  phthalocyanines  have  been  explored  by  James  and 
co-workers  [12].  Oxidation  appears  to  occur  excluavefy  at  the  phthalocyanine 
ring  (Table  2).  The  first  half-wave  potentials  for  all  complexes  studied  [12]  lie 
between  0.7-0.9  V  (versus  SCE)  and  depend  on  the  nature  of  the  axial  ligand.  For 
bispyridine  ruthenium  phthalocyanines  (L2RuPc(-2))  with  substituted  pyridines 
in  axial  position  the  vdue  of  ^\i2  decreases  in  accordance  with  increasing 
electron-donor  strength  of  the  coordinated  ligand  in  the  sequence  py  >  4Me-py 
>  t-Bu-py  (0.77, 0.74,  and  0.70  V  respectively).  When  the  solvent  molecules  serve 
as  axial  ligands  in  PgRuL2>  ^  half-wave  potentials  show  changes  depending  on 
the  nature  of  the  metal-ligimd  bond:  N-bonded  (MeCN)  0.72, 0-bonded  (DMF) 
0.80,  and  S-bonded  (DMSO)  0.89  V.  The  highest  value  for  the  halif-wave 
potential  of  (DMSO)2RuPc  could  be  consistent  with  it -electron  acceptance  by 
the  S-bonded  sulfoxi^.  If  one  mdecuk  of  pyridine  in  L2Ru(fI)Pc(-2)  is  replaced 
by  CO  the  potential  is  hi^r,  for  instance,  0.77  V  for  (Py)2Ru(n)Pc(-2)  and  0.91 
V  for  (Py)(CO)Ru(II)Pc(-2),  due  to  the  acceptor  effect  of  the  CO  ligand. 

Data  for  osmium  phthalocyanines  are  unavailable. 


V.  Cobalt,  Rhodiimi,  and  Iridinm  Phthalocyanines 

In  common  with  Pe(n)Pc,  Co(n)Pc  is  soluUe  in  a  wide  range  of  domx^  and 
nondonor  solvents  and  its  solution  electrochemistry  has  been  studied  extensively 
[6, 10, 11, 49, 63, 66, 67, 70. 71, 88, 95, 101, 107, 113-116]. 

Such  electrochemistry  can  convenientfy  be  split  mto  two  sections,  that 
referring  to  donor  solvents,  and  that  referring  to  nondonor  solvents.  A  series  df 
reversible  coufdes  are  observed  and  may  be  summarized; 


Donor  Solvents 
I 

co(in)Pc(0)/co(in)Pc(-i) 

n 

co(m)Pc(-i)/co(ni)PG(-2) 

m 

Co(ni)Pc(-2)/Co(II)Pc(-2) 

IV 

Co(II)Pc(-2)/Co(I)Pc(-2) 

V 

Co(I)Fc(-2)/Co(I)Pc(-3) 

VI 

Co(I)Pc(-3)/Co(I)Pc(-4) 


Non-donor  st^vents 
I 

Co<III)Pc(0)/Co(ni)Pc(-l) 

IT 

co(m)Pc(-i)/co(n)Pc(-i) 

nr 

Co(II)Pc(-l)/Co(lI)Pc(-2) 

IV 

Co(II)Pc(-2)/Co(I)Pc(-2) 

V 

Co(I)Pc(-2)/Co(I)Pc(-3) 

VI 

Co(I)Pc(-3)/Coa)Pc(-4) 
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(aet  charges  omitted  for  clarity),  where  the  prindple  difference  lies  in  whether, 
for  Co(ll)Pc,  the  metal  or  the  ring  is  oxidized  first.  Donor  solvents  (or 
coordinating  counteranions  or  other  ligands  in  nondonor  solvents)  strong  favor 
Co(III)Pc  by  coordinating  along  the  arils  to  form  a  six-coordinate  L2Co(ni)Pc 
species.  If  such  donor  molecules  are  absent,  then  oxidation  to  Co(in)  is  inhibited 
and  ring  oxidation  occurs  first  Table  7  summarizes  data  for  CoPc  spedes  in 
nondonor  solvents,  while  Table  8  collects  data  for  CoPc  spedes  in  the  presence 
of  donors  (solvents  or  added  ligands)  (see  also  figure  S)  [49]. 

Cobalt(III)  (m  common  with  Fe(n))  has  a  much  stronger  propensity  to 
form  six-coordi^e  (low  spin,  t^^  spedes  than  does  Fe(in),  or  any  other  first 
row  transition  metal  M(III)  speaes;  thus  these  observations  are  characteristic  of 
CoPc  Note  that  the  siiq)le  rejdacement  of  solvent  DCB  with  solvent  DMF  shifts 
the  Co(III)/Co(II)  potential  ^  some  600  mV  although  the  comparison  is  not 
strictly  valid  since  the  oxidatkMi  occurs  within  Pc(-1)  in  DCB  and  Pc(-2)  in  DMF. 

A  range  of  six-cowdinate  [X2Co(in)Pc(-2)]*  anions  has  been  studied,  with 
variously  substituted  (dithalocyaiiines,  by  both  the  Hanack  [88]  and  Orihashi  [71] 
groups  (Table  8);  where  the  same  ctunpound  has  been  studi^  by  both  groups, 
there  are  some  rather  large  discrepancies  in  oxidation  potential  due,  perhaps,  to 
rather  different  conditions  of  measurement 

The  products  from  couples  (II)  throng  (V)  (11)  have  aU  been  (voved  by 
electrcmic  and/or  dectron  spin  resonance  spectroscopy  and  their  identity  is 
assured.  Couples  I  and  VI  are  assigned  by  inference  but  are  likely  to  be  correctly 
identified. 

When  Co(II)(TBuPc(-2)]  is  oxidizBd  at  0.64  V  in  DCB  solutiaa  the  p^ 
colmrctf  the  raicfical  cation,  [Co(II)[TBoPc(-l)])'^  is  formed,  but  vidien  pyridine  is 
added  the  purple  color  changes  immediately  to  green  producing  the 
characteristic  spectroscopic  features  of  Co(III)  phthalocyanine,  viz 
[(Py)2^*^)n'**®^®(*2)D  ^  ^  equilibrium  process,  and  with 

relatively  low  concentratimis  of  pyridine  in  DCB,  •>  10*^  M,  the  process  is 
thermally  reversible,  the  cation  radical  beiag  regenerated  at  hi^  temperatures. 
In  a  eqmmeat,  the  addition  of  chloride  ion  also  converts  the  Co(II) 
cation  radical,  [Co(II)|TBaPc(-l)]]'^,  to  a  chloro  cobak(lII)  spedes,  probi^ 
[Cl2Co(III)rrBaPc(-2)]r  [^ 

More  extreme  chemistry  occurs  if  hydroxide  ion  is  added,  as  will  be 
discussed  below.  Thns  the  redox  coiqdes  oi  the  Co(II)|TNPc(-2)]  system  do 
depend  critically  on  whether  coonfinating  anioos  are  present  In  study^  cobalt 
phthalocyanine  electrochemistry  care  most  be  taken  to  exdude  extraneous 
donors  (anions  or  otherwise)  eacept  where  their  presence  is  explkitly  required. 

An  earlier  study  [95]  explored  the  effect  of  varying  the  donkity  of  the 
solvent  on  the  Co(III)/Co(II)  potentiaL  In  this  case  pyridine  yields  Ae  least 
positive  redox  potenrid  and  DMSO  the  most.  The  Co(IlI)/Co(II)  potential  is 
irreversible  in  DMA  so  that  a  datum  for  this  solvent  is  not  available. 
Nevertheless  the  shift  to  mote  negative  potentials  from  DMSO  to  Py  is  the 


Table  7  Electrociieiiiical  Data  for  Moaooudear  and  Polyniidear  Cobab  Phthalocyanines  (Non-donor  Solvents)  (Versus  SCE). 


■3 


1 
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reverse  of  the  sequence  observed  for  the  oxidatioD  of  Fe(n)Pc  because  it  is  now 
the  higher  oxidation  state,  Co(in),  that  is  being  stabilized  by  the  more  strongly 
donor  solvents,  rather  than  tlw  lower,  as  is  the  case  for  Fe(II)Pc.  A  series  of 
substituted  pyridines  [9S]  show  potentials  for  both  Co(III)/Co(II)  and 
Co(II)/Co(I)  shifting  to  more  negative  potentials  with  increasing  base  strength 
(pK^).  It  is  not  uncommon  for  the  Oo(III)/Co(Il)  couple  to  be  irreversible 
because  of  the  large  change  in  spin  state,  and  the  likely  change  in  Co-L  bond 
length  during  this  redox  process. 

Both  Fe(II)Pc  and  Co(n)Pc  show  M (II)/M(I)  potentials  that  linearly  follow 
the  Gutmann  donor  number  with  the  same  sign  of  the  slope  since  now  it  is  both 
Co(n)  and  Fe(II)  that  are  stabilized  by  the  stronger  donor  solvent  [95]. 
However,  nondonor  solvents  do  not  fall  on  the  same  line  [95]  as  dtmor  solvents, 
that  is,  they  do  not  behave  simply  u  very  weakly  donor  solvents.  This  is  a 
consequence  of  the  fact  in  dc^r  solvents  the  Co(n)Pc  will  be  solvated  (five 
or  six-coordinate)  while  in  nondonor  solvents  it  will  be  unsolvated  (four 
coordinate,  different  spin  state). 

A  more  detailed  study  of  the  electrochemistry  of  Co(II)Pc  in  DMF  reveals 
more  subtle  features  [49].  A  solution  of  Co(II)[TNPc(-2)]  in  DMF/CIO4' 
contains  several  species  in  equilibrium,  vir 

(DMF)Co(n)[TNPc(.2)]  <  — >  (DMF)2Co(II)[TNPc(-2)]  <— > 

A  B 

[DMF(C104)Co(II)[TNPc(-2)]]- 

C 

(13) 


which  will  have  three  different  Co(III)/Co(II)  oxidation  potentials. 

However,  if  the  equilibria  are  facile  only  the  oxidation  of  the  most  easily 
oxidized  spedes,  vriikh  should  be  C,  should  be  observable.  It  appears  however, 
that  both  the  [Co(III)[TNPc(.2)]] +  /Co(II)[TNPc(-2)]  and 
[Co(in)[TNPd-l)JP''’/  [Co(III)(TNPc(-2)JJ  redox  couples  are  coujded  to 
other  equilibria  thiu  are  relati^  slow  on  the  vohammetric  time  scale  and  can  be 
probed  by  variaUe-scan-rate  studies. 

The  [Co(III)Pc(-2)]  '*'/Co(II)Pc(-2)  process  (U)elled  (Ilia),  (me)  in  Figure 
9)  has  a  scan-rate-depeodeat  i^  ratio  approaching  unity  at  hi^ier  scan  rates 
and  higher  perchlorate  ion  concentrations.  This  is  interpreted  in  terms  oi  the 
following  processes  [49] 

[(DMF)Ca04Co(II)[TNPc(-2)]]'  <----> 

C  (DMF)a04Co(m)[TNPc(-2)]  +  e* 

D 


(14) 
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(DMF)a04Co(m)(TNPc(-2)l  <->  pMFCo(in)[TNPc(.2)]]  +  +  CIO4* 

D  E 

Equilibrium  (15),  which  is  suppressed  in  excess  perchlorate  ion,  produces 
five  coordinate  species  E,  vriiich  is  expected  to  be  much  easier  to  reduce  than 
species  D,  that  is,  the  Co(ni)/Co(II)  couple  of  E  will  occur  at  more  positive 
potentials.  Thus  C  is  oxidized  to  D,  at  (Ola)  (Figure  9).  D  rearranges  to  E,  at 
least  to  a  small  degree,  and  E  is  spontaneously  reduced  on  the  positive  side  of 
(ina)  since  its  reduction  potential  lies  positive  of  (Ola).  Equilibrium  (15)  is 
driven  to  the  ri^  by  this  r^uctkm  process  and  therefme  decreases  the  intensity 
of  the  current  at  (IIIc).  At  higher  scan  rates,  there  is  less  time  for  the 
rearrangement  to  occur  and  more  reversQile  behavior  obtains. 


E,  Vvs  Fd/Fc 


Figure  9  Cyclic  Vohammetfy  of  Co(n)rrNPc(-2)]  (1  x  KT*  M)  in  DMF/(03  M 
TBAP),  at  varying  scan  rates  and  switching  potentiiris.  a)  Co(^/Co(n)  couple 
at  2, 5, 10  and  20  mV/s;  b)  Pc(-l)/Pc(-2)  and  Co(III)/Co(II)  couples  at  2, 5, 10 
and  20  mV/s;  c)  as  (b),  at  20;  50  and  100  mV/s.  Reproduced  with  permission  from 
Ref.  [49]. 


Table  8  Electrochemical  Data  for  Monoeuclear  and  Polynuclear  Cobab  Phtbalocyanines*  (Donor  solvents)  (Versus  SCE) 
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Note  that  evidence  for  the  kinetic  lability  of  six-coordinate  Co(III) 
macrocycles  has  been  presented  [118].  Now,  considering  the 
(Co(ni)Pc(-l)j2+/[Co(III)Pc(-2)]-^  process  (labeled  (II)  in  Figure  9),  two 
different  pairs  of  couples,  II  and  II’,  are  observed  With  increasing  scan  rate  the 
more  positive  couple,  lie  grows  at  the  expense  of  the  less  positive  wave  Qc’,  and 
vice  versa.  Moreover  increasing  perchlorate  ion  concentration  favors  wave  II’. 
Therefore  wave  He’  must  be  associated  with  additional  bound  perchlorate  ion 
and  is  then  reasonably  associated  with  (C104)2Co(in)Pc(-l) 

These  processes  are  understood  in  terms  of  the  following  equilibria: 

Process n 

DMF(a04)Co(in)Pc(-2)  <~>  [DMF(a04)Co(m)Pc(-l)]+  +  e- 

D  F  (16) 

[DMF(a04)Co(in)Pc(-l)]'*‘  +  CIO4  <  — >  (C104)2Co(ni)Pc(-l) 

F  H  (17) 

Process  IT 


[(C104)2Co(in)Pc(.2)l*  <->  (Ca04)2Co(ra)Pc(-l)  +  e* 

G  H  (18) 


lca(iiiiPc(oi|i*  m  r  ■ 

Cm«I«  f 


•#*  (•) 

■  ic«iinpcf-iii*  y7"TT,*g  cotiDrci-ii 
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At  slow  scan  rates,  scanning  positively  from  couple  in,  we  initially  observe 
oxidation  D  -•  >  F  at  Ila.  This  rearranges  via  (17)  to  give  mainly  H  which  is 
reduced  at  II’c.  At  higher  scan  rates,  there  is  insuffident  time  for  equilibrium 
(17)  to  occur  and  reduction  of  spedes  F  is  observed  at  lie.  Wave  U’a  is  never 
obvious  because  spedes  G  never  has  the  opportunity  to  build  up  (see  Scheme  I) 
[491. 

In  summary,  couples  (14),  (16)  and  (18)  are  observed,  in  DMF,  at  +038V, 
+0.78  and  +0.70  V,  versus  SC^  the  data  having  been  corrected,  using  Table  1, 
from  the  original  experimental  data  internally  referenced  to  the 
ferricenium/ferrocene  couple. 

A  spectroelectrochemical  study  of  Co(II)(TsPc(-2)]  [101]  as  a  function  of 
pH  reve^  (Table  7)  the  varying  degrees  of  aggregation  of  this  species  as  a 
function  of  oxidation  state.  Unlike  Fe(II)TsPc,  reduced  M(I)TsPc  spedes  are 
nonaggregated,  but  higher  oxidation  state  Co(in)  spedes  are  less  aggregated 
than  Fe(II)  species.  This  is  attributed  to  the  dominant  formation  of 
six-coordinate  Co(Tn)  species  where  the  axial  groups  inhibit  aggregation. 

When  hydroxide  ion  is  added  to  a  DMF  (or  DCB)  solution  of 
Co(II)[TNPc(-2)],  under  nitrogen,  the  solution  is  converted,  within  the  time  of 
muring,  into  a  1:1  mixture  of  {Co(I)(TNPc(-2)]]*  and  ((OH)2Co(III)[TNPc(-2)]]*. 
Thus  Co(II)[TNPc(-2)]  cannot  exist  in  a  DMF  (or  DCB)  solution  containing 
hydroxide  ion.  Naturally,  if  air  is  introduced,  there  is  total  conversion  to  the 
[(OH)2Co(III)(TNPc(-2)]]'  spedes  [11].  Some  interesting  electrochemical 
observations  arise  in  this  system  whose  voltammetry  is  shown  in  Figure  10  (Left). 

If  a  disproportionated  solution  of  Co(TNPc(-2)]  in  DMF/OH*  is  oxidized  at 
a  potential  «•  200  mV  positive  of  couple  A  (Figure  10  (Left))  then  oxidation 
totally  to  [(OH)2Co(III)[TNPc(-2)]]*  occurs.  If  the  solution  is  polarized  ••  200 
mV  negative  of  couple  A,  then  the  solution  is  totally  converted  to 
[Co(l)[TNPc(-2)]]*;  in  neither  case  is  any  intermediate  Co(II)[TNPc(-2)] 
observ^ 

Couple  A  has  the  electrochemical  characteristics  of  a  one-electron  process 
having  the  same  current  intensity  as  observed  in  the  absence  of  hydroxide  ion 
[see  Fgure  10  (Left)  a,b,c]  yet  clearly  a  two-electron  process  occurs  when  the 
electrode  is  polarized  at  this  potential 

To  understand  this  observation,  a  series  of  experiments  was  undertaken.  If 
DMF  solutions  of  Co(n)[TNPc(-2)]  are  treated  with  hydroxide  ion  and  left  under 
nitrogen  for  an  hour  or  so,  all  the  [(OH)2Co(in)[TNPc(-2)]]*  is  reduced  to 
[Co(I)[TNPc(-2)]]'.  Such  solutions  c4  pure  [C(KI)[TNPc(-2)]]*  do  not  display 
couple  B  because  Co(II)(TNPc(-2)]  is  never  formed  in  these  solutions. 

Initially,  prior  to  addition  of  hydroxide  ion,  we  may  consider  two  processes, 
A,B  [Figure  10  (Left)  a)]  that  are  associated  with  Co(II)/Co(I)  and 
Co(III)/Co(II)  respectively,  b^  showing  one-electron  reversible  behavior. 

Voltammetry  was  explored  in  concert  with  the  electronic  spectroscopy 
(Figure  10  (Right)),  using  fresh  deaerated  solutions  containing,  necessarily,  a 
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Figure  10  (Left):  Cyclic  voltammetry  (solid  line)  and  differential  pulse 
voltammetry  (hatched  Hne)  for  Co(n)(TNPc(-2)]  (9.69  x  10'^  mol  dm'^)  at  a 
glassy  carbon  electrode  in  DMF/LiOH  under  nitrogen.  Concentration  of  LiOH; 
a)  0,  b)  1.4  X  10^,  c)  2.8  X  10^  mol  dm'^.  B,  Right:  Electronic  spectra  and 
differential  pulse  voltammetry  of  Co(II)(TNPc(-2)]  (IDl  x  Iff^  mol  dm'^)  under 
oxygen.  The  hydroxide  concentratiofis  (NBa40H-MeOH)  are  a)  0,  b)  5.0  x  10*^ 
(recorded  30  min  after  mixing),  and  c)  5.0  x  10*^  mol  dm'^  (record^  25  h  later). 
Reproduced  with  permission  bom  Ref.  [11]. 
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mixture  of  [(OH)2Co(in)(TNPc(-2)]]*  and  [Co(I)[TNPc(-2)]]'.  One  then  did  not 
obaefve  (Rgure  10  (Right))  couple  B  [Co(III)/€^II)]  ^f^ile  the  cuirent  intensity 
for  couple  A  [Co(II)/Co(I)]  was  proportional  to  the  content  of 
[Co(I)(TNPc(>2)]j*.  It  was  possible  to  conclude  that  a  pure  solution  of 
[(OH)2Co(III)[TNPc(-2)]]’  would  not  exhibit  couple  A.  Since  it  is  possiUe  to 
obtain  a  pure  sdution  of  [(OH)2Co(III)[TNP^-2)]]*  by  oxygenating  the 
[Co(I)TNPc(-2)]'  species  in  DMF/OH*,  one  mi^  be  curious  as  to  why  such  a 
solutkm  was  not  directly  studied.  In  fact,  couple  A  lies  at  too  negative  a  potential 
to  be  observed  m  an  o]9genated  solution,  and  if  the  solution  is  first  deoiq^nated, 
fairly  rq>id  reduction  to  [Co(I)rrNPc(-2)]]‘  takes  place.  These  reacthnis  were 
interpreted  in  terms  of  a  model  where  neither  Co(II)[TNPc(-2)]  nor 
[Co(Q(TNPc(-2)]]*  react  with  Iqwlroxide  ion  but  where  there  is  a  very  strong 
stahilimtion  Co(in)|lTlPc(-2)]  by  binding  to  hydroxide  ion.  Thus  the  potential 
of  couple  A  should  not  be  affected  ^  hydroxide  k»  concentration  as  obMfved. 

Co(III)/Co(II)  couple,  B,  upon  addition  of  hydroxide  km  to  the  system, 
became  irreversible,  lokmg  its  cmnponent  (Figure  10  (Right)  b))  before 

it  essentially  disi^ipeared  (Figure  10  (Rigltf)  c)).  This  process  corresponds  to 
eqnilibrinm  (14),  species  cJd.  In  the  presence  ^hydroxide  km,  species  D  forms 
the  dihydroxide  and  is  no  longer  redudble  in  the  region  of  couple  B  so  the 
cathodic  conqxment  dis^tpeart. 

The  following  two  processes  are  now  relevant: 


20ir  +  ((DMF)a04Co(II)rrNPc(.2)ir 

C 


> 


[(01I)2Co(III)(TNPc(-2)ir  +  DMF  +  004  +  e*  (19) 


K 

((OH)2Co(III)(TNPc(-2)]r  +  DMF  +  OO^'  <  —  > 

20ir  +  (DMF)CI04Co(III)rrNPc(-2)]  (20) 

D 

and  using  the  electrocheaucal  data  to  estimate  K,  the  potential  for  process 
(19)  can  be  estimated  firom: 

•  RT/nFILii(K)  - 2Ln(OH)] 

from  which  [11]: 

Eiy2(»)  •  Ev2(“)  -  -<MW9(Log(K)  -  2  Log(OH)l  (21) 
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(wliere  it  is  assumed  that  the  diffusion  coeffidents  of  the  initial  and  fin^l  redox 
products  are  the  same,  and  where  the  negative  sign  to  the  immediate  right  of  the 
equality  differs  from  [11]  because  the  redox  processes  have  been  defined  in  the 
opposite  sense  here). 

To  explain  the  observed  behavior,  the  value  of  E^(19)  must  place  this 
couple  negative  of  couple  A.  Thus  the  right-hand  side  of  Eq.  (21)  must  be  at  least 
0.9  V.  Given  also  that  even  micromolar  concentrations  of  [OH'j  caused  a  loss  of 
couple  B  and  shifted  the  Co(III)/Co(lI)  couple  negative  of  co^le  A,  it  was 
shown  that  the  maximum  possible  value  of  K(20)  was  *•  10'^  [11],  a  not 
unreasonable  value  given  the  evident  strong  HO-Co(m)  binding. 

One  more  observation  needed  e3q}lanation,  namely,  why  does  couple  A  look 
like  a  one-electron  process,  yet,  in  reality,  two-electrons  are  consumed  ? 
Consider  using  a  bulk  [Co(I)[TNPc(-2)]]*  solution  and  running  a  cyclic 
voltammogram  approaching  couple  A  from  negative  thereof.  At  couple  A, 
[Co(I)[TNPc(-2)]]*  undergoes  a  one-electron  oxidation  to  Co(II)(TNPc(-2)]. 
Hydroxide  ion  is  not  bound  to  the  cobalt  center;  so  this  species  does  not  directly 
oxidize  to  Co(III)Pc,  but  in  a  following  reaction  it  does  disproportionate  to  form 
Co(I)  +  Co(III).  The  potential  for  this  process  will  Ik  the  same  as  for  a 
hydroxide-free  environment  so  long  as  this  disproportionatum  process  is  slow  on 
tte  voltammetric  *««««  scale.  Indeed  disproporticmation  is  slow  (minutes)  at  low 
OH:CoPc  ratios  (••  5  -  20:1).  It  is  also  possible  that  disivoportionation  is 
inhibited  at  the  electrode  surface  for  mechanistic  reasons,  does  not  occur 
until  the  C^[lT^c(-2)]  diffuses  away  [11]. 

A  series  of  binuclear  and  tetranuclear  cobalt  phthalocyanines  have  been 
studied  [11, 13, 114, 119, 123].  Those  whose  electrochemical  data  are  reported  m 
Table  7,  show  no  electro^emical  evidence  for  any  significant  electronic 
interaction  between  the  two  (or  more)  phthalocyanine  units  in  the  molecule 
exhibiting  electrochemical  potentials  at  values  closely  similar  to  those  of  the 
mononuclear  Co[TNPc(-2)]  under  similar  conditions.  They  do  show  some 
spectroscopic  evi^nce  for  coupltog,  bid  it  is  evident  that  such  coupling  is  not 
Imge  enou^  to  effect  the  electrochemistry.  These  species  also  disproportionate 
in  the  presence  of  hydroxide  ion,  in  an  intramolecular  sense,  forming  [Co(I)]2 
and  [Co(III)]2  but  not  [Co(l)Co(III)]  [11].  Another  group  ^  binuclear  CoPc 
species,  disraiwxl  in  Section  E,  viii  do  eidiibit  mixed-vaknce  behavior. 

Electron  withdrawing  substituents  on  the  j^thalocyanine  ring  obviously 
render  the  ring  more  difficult  to  oxidize  and  easier  to  reduce,  and  vice  versa  for 
electron-donating  substituents  (see  Section  E,  ix). 

Some  data  are  available  [4,107]  for  the  further  reduction  of  [Co(I)Pc(-2)]' 
as  far  down  as  the  Pc(-S)  species  (Tables  7,8),  but  this  region  has  not  been 
definitive^  eiqiiored. 

Some  solution  data  have  been  reported  for  Rh(IIl)  phthalocyanines  [108, 
109].  Oxidation  near  0.9  V  yields  a  Rh(III)  radical  cation  species  whose 
photochemistry  has  been  explored  [108]. 
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Chlororhodium  phthalocyanine,  in  DMF  or  DCB,  shows  an  irreversible 
reduction  wave  near  -0.7  V  th^  has  a  cathodic  but  no  anodic  component  [109]. 
At  this  potential,  there  is  reduction  to  monomeric  Rh(II)Pc  but  this  rapidly 
dimerizes  at  room  temperature  in  solution  yielding  a  dimeric  product  that  is  not 
re-oxidized  until  about  -O.IS  V  (in  DCB/TBAP,[109]).  At  about  -  60°  C  the 
dimerization  reaction  is  inhibited  and  a  reversible  XRh(III)[TNPc(-2)]/ 
Rh(II)[TNPc(-2)|  couple  is  observed.  Further  reduction  of  the  bulk  solution 
exhibits  a  reversible  wave  at  -1.47  V  that  probably  forms  a  monomeric 
[Rh(I)Pc(-2)]*  species  although  a  [Rh(II)Pc(-3)]*  species  is  also  possible.  Final 
details  of  the  solution  electrochemistry  the  dimeric  [Rh(n)Pc]2  species  await 
clarification  [109]. 

No  solution  data  appear  available  for  iridium  phthalocyanines. 


vi.  Silver  and  Gold  Phthaloqranines 

Copper  phthalocyanine  was  discussed  in  Section  D,  ii,  and  gold 
phthalocyanine,  while  known,  has  not  been  studied  electrochemically. 

Silver  tetraneopentoxyphthalocyanine  has  been  the  subject  of  intensive 
electrochemical  study  [48].  In  common  with  many  other  metallophthalocyanines, 
Ag(II)[TNPc(-2)]  is  quite  strongly  aggregated  in  solution  and  the 
aggregation-disaggregation  equilibrium  is  slow  cm  the  voltammetry  Hme  scale. 
Conventional  CV  or  DPV  yields  a  broad  wave  near  0.6  V  attributable,  on  the 
basis  of  spectroelectrochemistry,  to  oxidation  to  [Ag(in)[TNPc(-2)]] .  A 
Nemstian  analysis  of  the  data  shows  that  the  true  h^-wave  potential  for 
oxidation  lies  at  0.71  V  versus  SCE,  in  DCB.  Further  oxidation  yields 
[^(III)(TNPc(-1)]]2+  (reversible  process)  and  (Ag(III)[TNPc(0)]]3  + 
(irrever^le  (vocess).  The  possibility  thtf  a  Ag(rV)[TNPc(-2)]  speciirs  is  formed 
cannot  be  ruled  out  The  irreversibility  of  the  third  oxidation  process  may  reflect 
solvent  oxidation. 

There  are  two  reduction  processes  which  are  believed  to  form 
[Ag(I)[TNPc(-2)]]*  and,  probably,  (Ag(I)[TNPc(-3)]]2'.  However,  in  parallel  with 
the  corresponding  chemistry  oi  silvan)  porphyrins  [133,  134]  the  silver(I) 
species  are  unstable  and  h^olyze  to  form  tte  metal  five  species  at  a  rate 
comparable  to  the  electrochemistry  time  scale.  Thus,  upon  reduction  of 
Ag(n)[TNPc(-2)]  one  observes  a  pair  of  waves  due  to  the  successive  reduction  rtf 
Ag(II)[TNPc(-2)]  and  a  pair  of  waves  due  to  the  successive  reduction  of  the 
resulting  H2TNP^-2).  The  relative  intensities  of  these  pairs  of  waves  are  affected 
both  by  scan  rate  and  temperature,  with  higher  scan  rates  and  lower 
temperatures  favoring  observatkm  of  the  silver  reduction  couples. 

A  more  detailed  consideration  of  the  relative  currents  of  the  reduced 
species  suggested  that  there  was  an  intermediate  between  the  reduction  to 
[Ag(I)[TNPc('2)]]'  and  the  formation  of  reduced  H2[TNPc(-2)].  This  was 
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postulated  to  be  a  sitdng-atop  version  of  the  (Ag(I)[TNPc(-2)]]*  species  being 
formed  i»ior  to  hydrolysis,  that  is,  the  large  sih«r(I)  dts  atop  the  phthalocyanine 
ring.  Further  evi^nce  arises  from  the  fact  that  even  at  lower  temperatures  and 
hi^er  scan  rates,  where  hydrolysis  is  largely  suppressed,  the  ^t  reduction 
couple  is  irreversible  in  always  showing  a  larger  cathodic  than  anodic  current.  A 
"simple"  Ag(II)/Ag(I)  coufrie,  if  the  Ag(I)  remained  in  the  ring,  would  be 
expected  to  be  reversible. 


viL  Polynaclcar  Phthalocyanines 

In  addition  to  the  polynuclear  metallophthalocyanines  and  bridged  species 
such  as  PcM-X-MPc  (X  «  O,  N  etc.),  mentioned  previosuly,  other  bridged 
species  such  as  PcM-LL>MPc  and  (-LL^Pc-LL-Mpc>)||  [125]  (where  LL  is  a 
tnidging  bifimctional  ligand  such  as  pyrazine)  are  known.  However,  solution 
data  are  not  available  for  the  last  mentkmed  spedes. 

Some  spedes,  such  as  the  binuclear  EtMeO(6)[MTrNPc(-2)]2  [65]  and  the 
the  tetranuclear  spiro  linked  [hfTrNPc(-2)]4  [65, 114]  show  no  mixed-valence 
behavior  with  cob^(II)  (Table  7)  but  do  whh  Za(II)  (Table  9).  Such  differences 
may  arise  through  the  presence  or  absence  of  axial  ligands,  respectively  inhibiting 
or  facilitating  the  close  approach  of  {dithalocyanitte  rings. 


vUL  Mixed  Valoice  Behavior 

Cobalt  phthalocyanine  complexes  of  binuclear  or  tetranuclear 
phthalocyanines  having  flexible  brid^ng  units,  do  not  ediibit  any  measureable 
electrochemical  interaction  between  cobalt  centers,  that  is,  mixed-valence 
behavior  is  not  observed.  Rigid  systems  such  as  the  anthracene  and  naphthalene 
bridged  binuclear  species  [126]  and  the  so-called  (-l)bridge  spedes  [119]  do, 
however,  ediibit  additional  redn  waves  associated  with  mixed-valence  spedes 
(Figure  11).  These  may  be  of  the  metal-centered  type,  such  as 
[Co(II)Pc(-2)]2dCo(I)Pc(-2).Co(II)Pc(-2))*  or  of  the  ring-centered  type,  such  as 
[Co(II)Pc(-l)]^'^/[Co(II)Pc(-l).Co(II)P^-2)]'*'.  The  splitting  of  a  given  redox 
process  doe  to  formation  of  a  staUe  mked-vdeace  intermediate,  is  a  measure  of 
the  equilibrium  (compropmtionation)  constant,  K^,  for  a  reaction  such 
as:-[M(n)P^-l)}2  +  [M(^Pc(-2)]2  ™>  2  [M(n)Pc(-l).M(II)Pc(-2)]  (22) 
wlmre  the  moBd-valence  splitting,  AE  is  related  to  via: 

ZIE  -  (RT/nF)La(K^  (23) 

The  values  of  so  obtained  for  a  series  of  mned-valence  phthalocyanine 
complexes  of  cobalt,  zinc,  aluminum,  iron,  and  silicon  are  collect^  in  Table  10. 
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They  are  seen  to  range  from  20  to  3  x  10^  (-8  to  -49  kJ/mol),  thereby  showing  a 
wide  range  of  stability.  The  least  strongly  coupled  systems  include  some  zinc 
comptexBs  of  binuclear  phthalocyanines  nith  flexible  bridging  links  where  the 
cobidt  analogues  do  not,  in  fact,  exhibit  mixed-valence  behavior  at  all.  The  rigid 
bridged  systems  such  as  the  anthracene,  naphthalene  and  (-l)bridge  species 
exhibit  a  range  of  mixed-valence  complexes  for  both  zinc  and  cobalt  (Table  10), 
ahhniigh  m  this  last  case,  (-l)bridge,  for  cobalt,  the  waves  were  not  well  resolved 
and  Kg  values  could  not  be  accurately  defined. 

Generally  speaking,  mixed-valence  species,  for  a  given  phthalocyanine, 
involving  the  metal  ion,  such  as  Co(II)/Co(I)  and  Co(ni)/Co{II)  were  more 
stable  rhan  those  involving  the  ring  P^-2)/Pc(-l),  and  Co(II)/Co(I)  species  were 
more  stable  than  Co(III)/Co(II)  spedes. 


Figure  11  Cyclic  and  differential  pulse  voltammograms  of  (A)  Co(II)[TNPc(-2)] 
and  (B)  Ant{CoTrNPc]2  in  DMF  at  a  Pt  electrode.  Numbers  indkat^  are  scan 
rates.  In  the  diffierendal  pulse  studies,  the  solid  and  dotted  lines  indicate  negative 
going  and  positive  going  scans  respectively.  Reproduced  with  permission  from 
Ref.  [126]. 
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However,  the  strongest  mixed-valence  interactions  were  seen  in  ring 
mixed-valence  RSiPc-O-PcSiR  species;  these  exhibit  both  mixed-valence  ring 
oxidation  and  mixed-valence  ring  reduction.  The  large  values  for  these  silicon 
species  probably  reflect  the  shorter  P&.Pc  contacts  («.  33k)  than  in  the  bridged 
species  43  A).  Oligomeric  SiPc  species  have  been  prepared  (Table  3)  in  that 
2, 3  or  4  (or  more)  OSiPc  units  are  strung  together.  Tbe  mixed-valence  species 
of  successively  oligomerized  species  show  declining  stability  of  a  given 
mixed-valence  species  with  increasing  chain  length  (Table  3),  at  least  according 
to  Eq.(23).  However,  it  is  probable  that,  due  to  interaction  processes  along  the 
chain,  this  simple  equaticm  is  inappro^mate. 

Further,  the  greater  coupling  for  the  Co(n)/Co(I)  systems  versus  the 
Co(III)/Co(n)  likely  reflects  interaction  between  the  d^  orbitals  of  each  cobalt 
atom,  directed  along  the  inter-ring  axis,  there  being  an  odd  electron  in  the 
Co(I)  spedes.  In  summary,  mizBd-valence  behavuM’  has  been  observed  for  the 
following  binuclear  MPc  systems: 

Pc(-2)  J*c(-3)  is  observed  in  strong^  coupled  silicon  oligomers,  but  has  not 
been  unequivocaJly  observed  with  the  other  bridged  binuclear  species.  The 
presence  (tf  an  extra  it*  electron  repels  the  it -electron  density  in  the  other  ring 
and  therefme  inhibits  formation  of  these  species  unless  they  are  constrained  to 
lie  close  together. 

Pc(-l)J*c(-2)  observed  with  cobalt  and  with  main  group  bns  such  as 
aluminum,  zinc  and  silicon.  In  the  case  o£  cobalt,  it  is  likely  that  both  Co(II)  and 
Co(III)  mixed-valence  species  can  be  obtained  by  controlling  the  sohent  (that  is, 
availability  of  axial  ligands).  Strong  coiqdii^  originates  in  the  hole  in  the  It  orbital 
of  one  ring  being  capable  of  debcalizarion  over  the  other  ring. 

Co(II).Co(I)  is  observed  in  inflexihle  binuclear  spedes  and  has  electronic 
spectroscopic  characteristics,  and  values,  consistent  with  strong  coupling 
between  the  cobalt  centers  (along  the  bond  axis). 

M(III)3I(II)  is  observed  m  inflexible  binuclear  species  linked  throng  the 
phthalocyanine  rings,  or  in  PcM-O-MPc  systems  linked  through  the  metal  atom, 
especially  for  iron. 

M(iy)34(III)  is  observed  m  PcFe-X-FePc  bridged  systems,  X  -  O,  N. 

Some  data  Tor  mixed  valence  phthalocyunines  containing  simple  bridges, 
such  as  cyanide,  oxide  or  nitride  between  MPc  centers  [111,  127,  128]  are 
reported  in  Table  10.  The  values,  for  M(in)/M(II)  systems  are  comparable 
with  the  phthalocyanine  bridged  systems. 

The  stability  of  the  TcFe(IV)-N-Fe(III)Pc*  is  extraordinary  with  an 
electrochemical  splitting  of  033  V  corresponding  with  -  1.2  x  10^^.  The 
'TPPFe(rV)-N-Pe(III)TPP*  analogue  is  similarly  stable  (splitting  0.79  V  in 
pyridine  [111]  or  136  V  (!)  in  dkhkvoethane  [129]),  likely  indicating  that  these 
species  should  best  be  regarded  as  class  in  fiiUy  delocalized  comfdexes. 
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Table  9  Polynuclear  Phthalocyanines  showing  Mixed  Valence  Behavior 


Species 

DCT 

Ei/2/V 

DMF 

[651 

[Zn(n)Pc(0)l2/IZn(n)Pc(-l)J2 

1.00 

lZn(n)Pc(-l)l2/IZn(n)Pc(-l).Zn(II)Pc(-2)l 

0.49 

038 

IZn(II)Pc(-l).Zn(II)Pc(-2)l/lZn(II)Pc(.2)l2 

0.41 

0.43 

(Zn(II)Pc(-2)l2/lZn(n)Pc(-3)l2 

-1.19 

-1.04 

[Zn(n)Pc(-3)l2/lZn(n)Pc(-4)l2 

-1.63 

-1.47 

AntfZn/mTrNPcl;  11261 

(Zn(II)Pc(-l)l2/IZn(II)Pc(-l).Zn(II)Pc(-2)J 

0S7 

036 

[Zn(II)Pc(-l)JEn(n)Pc(-2)VlZn(II)Pc(-2)l2 

036 

035 

[Zn(II)Pc(-2)l2/lZn(II)Pc(-2).Zn(II)Pc(-3)l 

-1.05* 

[Zn(n)Pc(-2)l2/lZn(II)Pc(-3)l2 

-1.01 

(Zn(n)Pc(.2).Zn(n)Pc(.3)VlZn(n)Pc(.3)l2 

-131* 

[Zn(II)Pc(-3)J2/lZo(n)Pc(-4)J2 

-133 

NariZBOaTfNPgb  11231 

[Zn(II)Pc(0)l2/lZn(II)Pc(-l)l2 

132* 

1.11 

lZn(n)Pc(-l)l^Zii(II)Pc(-l).2n(n)Pc(-2)} 

036 

039 

lZn(n)Pc(.l).Zn(II)Pc(-2)y(Zn(II)Pc(-2)l2 

035 

0.41 

[Zn(IDPc(-2)l2aZn(II)Pc(-3)l2 

-1.18  (-1340) 

-1.07 

[Za(II)Pc(-3)l2aZn(II)Pc(-4)l2 

-133 

-1.45 

[2B(fl)Tfmi4t651 

lZn(n)Pc(-l)l2/lZii(II)Pc(-l).Zii(II)Pc(-2)l 

033 

038 

[Zn(n)Pc(-l)in(n)Pc(.2)WZii(n)Pc(.2)l2 

0.42 

0.43 

[Zn(II)Pc(-2)l2/lZii(II)Pc(.3)l2 

-1.15 

-1.04 

lZn(II)Pc(.3)l2lZii(II)Pc(-4)J2 

-1.64 

-1.46 

[Co(III)Pc(-l).0)(III)Pc(-2)l/lCo(III)Pc(.2)l2 

— 

O^l** 

ICo(III)Pc(.2)J2/IG)(m)Pc(-2).OKIOPc(-2W 

.... 

0.69 

[Co(III)Pc(-l)l2/lCo(II)Pc(-l)l2  (?) 

1.02 

— 
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Species 

DCB 

Elyj/V 

DMF 

(Co(n)Pc(-i)i2/lCo(n)Pc(-i).Co(n)Pc(-2)i 

0.63 

[Co(n)Pc(-l).Co(n)Pc(-2)l/ICo(n)Pc(-2)|2 

0.49 

.... 

(Co(m)Pc(-2).Co(n)Pc(-2)l/lCo(n)Pc(-2)l2 

— 

0.45 

[Co(n)Pc(-2)l2lCo(IDPc(-2).Co(I)Pc(-2)l 

-0.41 

-0.47 

(Co(IDPc(-2).Co(DPc(-2)|/(Co(I)Pc(-2)l2 

-0.80C.4 

-0.69C.d 

[Co(I)Pc(-2)l2/ICo(I)Pc(.3)l2 

-1.59 

-137 

ABtfC9TTm]2[^l 

[Co(III)Pc(-2)l2/ICo(in)Pc(-2).Co(n)Pc(-2)l 

0.62 

(Co(IDPc(-l)l2/lCo(n)Pc(-l).Co(n)Pc(-2)l 

0.55 

(Co(ra)Pc(-2).Co(II)Pc(-2)l/lCo(IDPc(-2)l2 

— 

0.41 

(Co(n)Pc(-l).Co(IDPc(-2)l/(Co(IDPc(-2)l2 

038 

— 

(Co(n)Pc(-2)]2/lCo(n)Pc(-2).Co(DPc(-2)l 

-029 

-020 

-0.42 

— 

(Co(DPc(-2).Co(IDPc(-2)l/lCo(I)Pc(.2)l2 

-0.60®*^ 

(Co(I)Pc(.2)l2/lCo(I)Pc(.3)l2 

-138 

-1.48 

[Cu(II)Pc(0)]2/lCu(II)Pc(.l)l2 

123® 

0.81® 

(Cu(IDPc(.l)l2/lCu(II)Pc(*l).Cu(IDPc(.2)l 

0.76 

(Cu(IDPc(-l).Cu(n)Pc(-2)l/lCu(IDPc(-2)l2 

036 

031 

lCu(IDPc(-2)l2/lCu(n)Pc(.3)J2 

-1.09 

-0.88 

[Cu(II)Pc(-3)l2/lCu(n)Pc(-4)|2 

-L40 

-132 

Ey2  values  were  measured  by  cyclic  vottammetry  at  200,  100,  SO  and  20  mV/s. 
Average  data  >■  (E~  -t-  eL^/Z  are  reported.  Hatched  Knes  indicate  that 
the  specific  redm  coupw  is  not  permissible  in  that  solvent.  *  Assignment 
unproven.  ^  weak  or  br^  couples  of  uncertain  potendaL  ^  irreversiUe.  *^Data 
obtained  from  differential  pulM  vdtammetry.  ^  Weak  peaks,  provenance  and 
validity  uncertain.  Overall  charges  omitted  for  clarity. 


In  general,  the  stability  of  mned-valence  phthaiocyanines,  as  defined  by  the 
electrochemical  splitting  or  values,  is  somewhat  larger  than  for  the 
corresponding  porphyrins  (to  the  extent  that  such  comparis<nis  can  be  made). 
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Table  10  Comproportioiiation  Data  [65, 69, 123, 126] 


Couple^  Solvent 

E(V)b 

Nl  kJmorl 

AntfCoTrNPclj 

I 

DCB 

0.17 

8.4x102 

1.2x10-3 

-17 

n 

DCB 

0.48 

13x108 

5.6x10-9 

-47 

m 

DMF 

023 

9.Qx103 

1.1x10-* 

-23 

n 

DMF 

030 

1.4x105 

7.0x10-® 

-29 

Nap[CoTrNPcl2 

I 

DCB 

0.14 

23x102 

15x10-3 

-14 

n 

DCB 

039 

4.0x10® 

15x10-' 

-38 

m 

DMF 

024 

13x10^ 

73x10-3 

-24 

n 

DMF 

022 

6.1x10^ 

1.65x10-* 

-22 

EtMeO(5)- 

I 

DCB 

0.08 

24xl0l 

42x10-2 

•8 

[ZnTrNPcl^ 

I 

DMF 

0.15 

33x10^ 

16x10-3 

-15 

(ZnTrNPcU 

I 

DCB 

0.11 

73x10^ 

13x10-2 

-11 

I 

DMF 

0.15 

33x102 

16x10-3 

-15 

Ant(ZaTrNPcl2 

I 

DCB 

021 

4.1xl(P 

145xl0r* 

-21 

I 

DMF 

021 

4.1x103 

145x10-* 

-21 

Nap(2:nTrNPcV7 

I 

DCB 

021 

4.1x10^ 

145xl0r* 

-21 

I 

DMF 

0.18 

12x10^ 

8.0x10“* 

-18 

1 

1 

I 

DCB 

020 

2.7x103 

3.6x10“* 

-20 

(.l)(ZnTrNPcl2 

I 

DCB 

026 

195x10* 

3.4x10-3 

-25 

I 

DMF 

022 

6.1xl(P 

1.65xl(r* 

-22 

FAlPc-O-PcAlF 

I 

DMF 

0.40 

6.0x10^ 

1.7x10-'^ 

-39 

RSiPc-OPcSiR 

I® 

CH2CI2 

0.49 

17x10* 

3.7x10-9 

■49 

IV 

CHjCiff 

0.40 

7.6x10^ 

13x10-“^ 

-40 

FePc-O-PcFe 

mf 

py 

036 

13x10^ 

7.7kl0-'7 

-35 

V 

Py 

0.40 

6.0x10^ 

1.7x10-'^ 

-39 

FePc-N-PcFe 

ml 

py 

027 

3.7x10* 

17x10-3 

-26 

V* 

py 

033 

12x102* 

83x10-13 

-80 

«  I:  [MPc(-l)l2  +  (MPc(-2)|2  ~>  2(MPc(-l)J4Pc(-2)l.  It  [Co(I)Pc(-2)J2  + 
[Co(n)Pc(-2)l2  ->  2(Co(I)Pc(-2).Co(n)Pc(-2)J;  lU:  [M(II)Pc(-2)]2  + 
[M(in)Pc(-2)l2  ™>  2{M(II)Pc(.2).M(in)Pc(-2)l;  IV:  [RSiPc(-2)]2  + 
[RSiPc<-3)]2  -->  2(RSiPc(>2)JlSiPc(-3)]  (with  oxygen  bridge  linki^  silicoo 
atoms).  V:[M(III)Pc(-2)]2  +  (M(IV)Pc(.2)}2  ~  >  2(M(III)Pc(-2).M(IV)Pc(-2)] 
(with  Q^rgen  atoms  the  iron  atoms).  For  the  cobalt  complexes,  data 

refer  to  the  fjB  isomer.  ^  maed-valence  splitting  energy.  ^  Compn^Kwtionatkm 
constant.  ^  Disproportionation  constaitf,  1/K^  ^  R  «  n-C^j3,  oxy^  bridges 
axially  link  the  sQioon  atoms.  ^  Oxygen  bridges  axially  link  the  iron  atoms. 
8  nitrogen  bridges  axially  Knk  the  iron  atoms. 


--4/9/92  -pcrev2.03  -59~ 


Figure  12  Hammett  Sigma  Plot  for  Substituted  Phthalocyanines.  Data  for 
metal-free,  ziac  and  cobalt  species  with  redox  processes  as  noted. 


This  is  probably  due  to  the  "flatness”  of  the  main  phthalocyanine  ring  system, 
allowing  for  closer  contact  than  is  usually  possible  with  the  more  ruffl^  and 
often  hi^ily  substituted  porphyrin  derivatives. 

is.  Hammett  RdationsUps 

An  earlier  study  [120]  showed  relationships  betweeen  the  individual 
Hammett  o(para)  parameter  [135,  136]]  and  oxidation  potentials  for  some 
tetra-and  octasubedtuted  phthalocyanines.  In  Figure  12  are  shown  cwrelations 
for  a  range  of  redos  processes  for  metal  free,  cobalt,  and  zinc  phthalocyanines  as 
a  function  of  the  total,  Zo,  value,  accounting,  thereby,  for  the  number  of 
substituents  m  the  phthalo^anine  ring  [122]. 

Since  the  ring  is  both  meta  and  para  substituted,  the  use  of  the  para 
parameter  leads  to  some  error.  Moreover,  although  solvent  effects  in 
phthalocyanine  redox  processes  are  generally  small,  they  are  present;  it  is 
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therefore  not  surprising  that  the  data  show  some  scatter.  Overall,  however,  it  is 
clear  that,  not  surprisingly,  roughly  linear  correlations  are  observed.  Moreover 
for  the  limited  data  set  shown  here,  the  slopes  do  not  differ  greatly.  Thus  Figure 
12  displays  two  oxidation  data  sets  (Pc(*l)/Pc(-2)],  both  with  slope  O.IS  and  three 
(first)  reduction  data  sets,  all  with  slope  0.10.  If  one  may  assume  that  these 
slopes  apply  generally  to  all  metallophthalocyanines  then  it  becomes  possible  to 
calculate,  for  example,  the  oxidation  potential  of  any  particular  substituted 
metallophthalocyanine  from  E(ox)  »  0.15£o  +  C.  The  value  of  C  is  obtained  by 
fitting  some  known  experimental  points  for  the  metallophthalocyanine 
concerned. 


F.  Conclusions 

This  review  has  summarized  and  discussed  the  solutitm  electrochemical 
behavior  of  a  series  of  metallophthalocyanines  with  central  itms  encompassing 
the  whole  Periodic  Table.  The  electro^mkal  versatility  of  these  species,  for 
example,  the  ability  to  tune  potentials  to  vdiere  they  might  be  useful  in  an 
electronic  device,  by  gh*«g«"g  metal  ion  or  substituent,  makes  them  potentially 
extremely  valuable  in  the  field  of  molecular  electroaics.  Sudi  value  is 

enhanced  by  their  overaO  chemical  and  thermal  stability  and  usual  nontoxicity. 

The  review  has  also  brought  out  major  gaps  in  our  knowledge  of  these 
systems,  especially  in  the  left-hand  transition  groups,  and  some  of  the  heavier 
main  group  species.  Greater  effort  shouM  be  expended  in  synthesizing  organic 
solvent  soluble  examples  of  these  species.  The  clwmistry  of  the  higher  oxidation 
states  of  complexes  such  as  molybdenum,  tungsten,  tin,  and  bismuth  may  prove 
especially  illuminating. 

A  future  article  m  this  series  wiD  exi^we  the  surface  electrochemistry  and 
electrocatalytic  properties  of  these  fascinating  materials. 


ABPL  is  indebted  to  Professor  C.  C.  Leznoff  for  the  continuing 
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who  have  worked  upon  phthalocyanine  chemistry  in  the  Lever  and  Leznoff 
laboratories.  He  is  also  indebted  to  the  Nature  Science  and  Engineering 
Research  Council  (CXtawa)  and  the  Office  of  Naval  Research  (Washington)  for 
their  continumg  financial  support 
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Table  11  Phthalocyanine  and  Solvent  Abbieviations  used  in  this  chapter 


Mononuclear  phthalocyanines: 


DsPe 

DisulfonylPc 

TNPc 

TetraneopentoxyPe 

TBuPc 

Tetra-t-butylPc 

TAPe 

TetraaminoPc 

TePe 

TetracartxucyPc 

TEtPc 

Tetra-cthylPc 

TsPe 

Tetrasulfonj^c 

TBuPc 

Tctra-t-butylPc 

TMxPc 

TetramethoiyPc 

TN02PC 

TetranitroPc 

OCPc 

OctacarbozyPe 

OMPc 

OctamethylPc 

OBuzPc 

OctabutozyPe 

OMxPc 

Octamethoj^Pc 

CligPc 

TN02PC 

HexadecachloroPc 

TetranitroPc 

OCNPc 

OctacyanoPc 

Binuclear  phthalocyanines. 

Each  of  the  following  species  contains  three  benzene  rings  each  with  a 
substituted  neopentoxy  group  (abreviated  TrNPc),  while  the  fourth  ring  is  linked 
by  the  bridge  as  described.  A  number  in  parenthesis  indicate  the  number  of 
bridging  atoms. 

0(l)[MTrNPc]2  an  O-  ether  link. 

C(2){MTrNPci2  -CH2-CH2-  linL 
C^(4)[MTrNPc)2  a  Ul-catedbolate  link. 

EtMeCX5)[MTrNPc)2  a  diether  linkage  EtC(Me)(CH20Pc)CH20Pc. 
Nap(MTrNPc]2  a  l^naphthakne  direct  link. 

Ant{MTrNPc)2  a  l^anthracene  direct  link. 

(-l)[MTrNPc|2  the  fourth  rings  of  each  phthalocyanine  are  3,4-  fused. 

[MTrNPc]^  a  €(0)4  spiro  tetra-ether  linked  (tetranuclear)  phthalocyanine. 

Conumm  solvent  abbreviations 

ACN  acetonitrile;  GN  chloronaphthalene;  DCB  o-dichltM’obenzene;  DCE 
1,2-dichloroethane;  DMA  dimetfayiacetamide;  DMF  dimetfaylformamide;  DMSO 
(Umethylsulfonde;  MeNp  methjdnaphthalene;  PhCN  benzonitrile;  PhN02 
nitrobenzene;  Py  pyridine;  THF  tetrahydrofuran. 
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